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How to Use These Course Notes 


Welcome to PreAP Chemistry at LASA. We are excited to have you! The following 
guidelines will be helpful to you as you use this text. 


e This is your textbook for the course. Our practice problems and labs are found in the 
paper workbook, but we will periodically add assignments and content as we need to. 


e We write, edit, and revise this text. We have done our very best to produce a 
high-quality product. However, we are human and there will be errors. |f you find 
errors, please notify your teacher. 


e The progression and depth of our lessons is highly subject to change. Please be flexible. 


e Learning objectives are printed at the beginning of that section. Vocabulary is all 
bolded. You are responsible for achieving a 70% or greater mastery of these objectives. 


e Please feel free to give your teacher constructive feedback on this text throughout the 
course. We hope you will enjoy chemistry! 
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Common Polyatomic lons Reference 


The following ions, both formula AND charge WITH the name, must be memorized if bolded. 


Common monatomic ions are not on this list but still need to be memorized. 


Cations 


+1 charge 
Ammonium NH,” 


Silver Ag* 


+2 charge 
Zinc 2n?* 


Variable Charge 


Iron (Il) (“ferrous”) 
Iron (Ill) (“ferric”) 


Copper (I) (“cuprous”) 
Copper (II) (“cupric”) 


Lead (II) (“plumbous”) 
Lead (IV) (“plumbic”) 


Tin (Il) (“stannous”) 
Tin (IV) (“stannic”) 


Anions 


-1 charge 
Hydride 


Nitrite 
Nitrate 


Hypochlorite 
Chlorite 
Chlorate 
Perchlorate 


Bromate 
lodate 


Hydroxide 
Cyanide 
Acetate 
Permanganate 


Hydrogen carbonate 
Hydrogen sulfate 
Hydrogen sulfite 


-2 charge 
Carbonate 


Hydrogen phosphate 


Sulfite 
Sulfate 


Chromate 
Dichromate 
Thiosulfate 
Oxalate 
Peroxide 


-3 charge 
H Phosphite PO,* 
Phosphate PO,” 


CN" 
C,H,0, OR CH,COO 
MnO, 


HCO, 
HSO, 
HSO, 


co,” 
HPO,” 
SO,” 
SO,” 


SOLUBILITY RULES: Rule #1 takes priority over rules #2-6. 

1. All alkali metal (Group IA) and NH,” (ammonium) salts are soluble. 
All Cl, Br, I salts are soluble, *except for Ag*, Hg,**, Pb* salts. (Hg,"? is mercury (I) ion.) 
All F salts are soluble, *except for Group IIA salts. 
All NO;, ClO, ClO,, and CH,COO’ / C,H;0, salts are soluble. 


All SO,” salts are soluble, *except for Ca”*, Sr*’, Ba*’, Ag*, Hg,*”, Pb” salts. 


All CO;7, PO,*, C,0,7, CrO,”, OH’ salts and_all other salts are INSOLUBLE *except for 
hydroxide salts of Ca**, Sr*”, Ba*”. 
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Unit 5: Moles and Stoichiometry 


5.01: Mole Concepts and Molar Mass 


[sen 


Learning Objectives: 


e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 
(3.A) analyze, evaluate, and critique scientific explanations 
(4.D) classify matter as pure substances or mixtures through investigation of their 
properties. 

(8.A) define and use the concept of the mole 
(8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro’s number 


The Mole 


The SI unit used to measure the amount of a substance is the mole, abbreviated as 
|.” (Save time with one less letter!) It’s an example of a “counting unit”, just as the term 
“dozen” is a counting unit representing 12 of anything. When we think of a dozen bananas, we 
instantly visualize 12 of them. However, molecules appear in much larger quantities than our 
day-to-day life items such as donuts, paper, or shoes. For example, a 100 mL sample of water 
contains 3 x 10% molecules of water. That is a lot of molecules! The mole is used to “count” 


representative particles in chemistry. Using “moles” is more convenient than using scientific 


notation for counting. Thus, instead of saying “3 x 10% molecules of water”, we would say “5 
moles of water.” 


A mole of a substance is equal to 6.022 x 10” representative particles (atoms, 
molecules, etc.), so, when you think of a mole of bananas, you mean 6.022 x 10” individual 
bananas. This number is exactly the number of atoms in 12 g of carbon-12. You already know 
the names of many of the representative particles; Unit 1 is useful for review if you need. 


Name of Representative 


Substance Example : 
Particle 
Element Ne (neon); F, (fluorine) atom or molecule 
Covalent Compound H,O (water) molecule 
(nonmetals only) 
lonic Compound (metal and NaCl (sodium chloride) formula unit 
nonmetal(s)) 
lon (charged atoms) Al’, Cr ion 


Recall that atoms are the fundamental units of matter. A single atom contains an equal 
number of protons and electrons and has no electrical charge. An ion, however, is an atom that 
has lost or gained electrons. If the ion has a positive charge, it has lost electrons equal to that 
charge. For example, Al*? is an Al atom that has lost 3 electrons. The number of protons does 
not change when the number of electrons changes. Thus, the element does not change. Only 
its charge changes. If the ion has a negative charge, it has gained electrons equal to that charge. 
Therefore, Cl’ is a Cl atom that has one extra electron. 


The reason why you can treat atoms and ions the same (for right now) is because the 
mass of an atom compared to its ion is practically the same — the electrons have an 
insignificant mass (roughly 9.1 x 10°" kg compared to a proton which has a mass of roughly 1.7 
x 10°’ kg. Thus, an electron is almost 2,000 times smaller than a proton!). 


Just as a dozen always means 12 of something - no matter what the thing is - a mole of 
things (whatever those things are) contains 6.022 x 107’ things. Here are some fun “mole” facts: 


e 6.022 x 10? watermelon seeds would be found inside a melon slightly larger than the 
moon. 


@ 6.022 x 10” pennies would make at least 7 stacks that would reach the moon. 


“Dozen” and “mole” are examples of counting units - they make counting a lot of things much 
easier, since you simply group the things into larger discrete parts and then ensure that each 
part always has the same number of things, so: 1 ream = 500 sheets. In the end, you’re 
creating a conversion factor. For instance: 


2 molecules of C,-H,,O, 2 dozen C,H,,O, molecules 2 moles of C,H,,0, molecules 
2x6=12 Catoms 2 x 6 = 12 dozen C atoms 2x 6=12 moles C atoms 
2x 12=24H atoms 2 x 12 = 24 dozen H atoms 2 x 12 = 24 moles H atoms 
2x6=12 0 atoms 2 x 6 = 12 dozen O atoms 2 x 6 = 12 moles O atoms 
48 atoms in total 48 dozen atoms in total 48 moles of atoms in total 


When counting in chemistry, treat ions as if they are atoms. For example, 5 formula units of 
iron (Ill) oxide, Fe,03, contains 10 Fe** ions and 15 O” ions. (It also has 10 Fe atoms and 15 O 
atoms.) For right now, do not worry about how you determine the charge on the ions. We will 
tell you what the charges will be. 


To be practical, we need to consider the mass of reactants and products, not just the 
number of moles. For example, if | asked you to go to the chemical storage room and grab 2 
moles of iron (meaning, you would need to get about 1 x 10” iron atoms), that wouldn’t make 
sense. You cannot count out the atoms like you might something else! Instead, we need to 
think of 2 moles in terms of mass. This is the easiest way to get 2 moles of iron (or 2 moles of 
anything) - just mass it out. But how many grams is 2 moles of iron? This is where molar mass 
comes in. The molar mass of an element or compound is the mass of one mole of that 
substance and is an intensive physical property of that substance. Molar mass ends up being a 
really useful way to count atoms. 


The molar mass of an individual element, in grams per mole (or g/mol), is found on the 
periodic table. It’s equal to the average atomic mass. So, the mass of one iron atom is 55.85 
atomic mass units (amu), and the mass of one mole of iron is 55.85 g/mol. Different elements 
have different molar masses because their individual atoms have different masses (i.e., different 
numbers of nucleons). For example, an iron atom (55.85 amu) has a higher mass than a carbon 
atom (12.01 amu). Thus, if you have a mole of iron and a mole of carbon the mole of iron must 
have a higher mass than the mole of carbon because the individual pieces that make it up have 


10 


more mass. However, does a mole of carbon and a mole of iron have the same number of 
atoms? Yes! That is the definition of the mole. It must have 6.022 x 10”? atoms! 


To calculate the molar mass of a compound with formula units (formula mass) or 
molecules (molecular mass), just add up the molar masses of the elements in the compound. 
Make sure to multiply the molar mass of an element by its subscript. 


ATOMS ELEMENTAL 
MOLAR MASS SUBSCRIPT 


12.011 g/mol x 1 = 12.011 
+ 


1.008 g/mol x 4 = 4.032 


MOLECULAR MOLAR MASS = 16.043 g/mol 


CH, 


5.02: Mole Conversions 
Learning Objectives: 


e@ (2.E) plan and implement investigative procedures 
e (2.F) collect data and make measurements with accuracy and precision 
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e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 
(8.A) define and use the concept of a mole 
(8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro’s number 


How did scientists determine Avogadro’s number?’ One way is using the charge on an 
electron. A scientist named Robert Millikan measured the charge of an electron in Coulombs. If 
you divide the charge of a mole of electrons by the charge of a single electron, you get 6.022 x 
1072 This number bridges the gap between the mole and numbers of particles. Now let’s see 
how it works. 


Mole Conversions 


As we discussed earlier, the mole is “the” counting unit in chemistry. A mole of any 
element or compound contains 6.022 x 10** representative particles - atoms, ions, formula units 
or molecules. This number was named after Amadeo Avogadro, a lawyer/moonlighting chemist 
who also came up with Avogadro’s hypothesis (more on that later). So, 6.022 x 10” is called 
Avogadro’s number, and has the symbol Ng. It is the number of **C atoms present in exactly 12 
g of the C-12 isotope. It is also the number of Cu atoms in 63.55 g of copper, the number of 
water molecules in 18.02 g of water, and the number of formula units in 58.44 g of sodium 
chloride, NaCl. Avogadro’s number is a very large number because the particles being counted 
are extremely small. To work with this number, to perform experiments, etc., scientists must 
convert between number of particles, number of moles, and mass (usually in grams). 


Solving mole problems is easy with dimensional analysis, but here’s a visual that should 
help. Note that you must remember that 1 mole = 6.022 x 10” atoms, ions, molecules, or 
formula units. You will also be expected to calculate the molar mass of the substance yourself. 
(See 5.01.) 


The Beginning of the Mole Map 
To use the mole map, find the quantity the problem is giving you to start with, such as Mass, 
Mole, Representative Particle, or Atoms/lons. Follow the arrows and perform the necessary 


operation with the associated connecting value. 


* Bodner, George M. “How was Avogadro’s Number Determined?” 


http://www.scientificamerican.com/article/how-was-avogadros-number/. Scientific American, 2004. 
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dtd<3<¢ 
otetoe 
d{3<3<¢ 
MASS (g) REPRESENTATIVE 
PARTICLE 


Example: How many molecules are in 4.75 moles of sulfur dioxide gas? 
Solution #1: Using the Mole Map 


o The problem gives us moles and wants us to determine molecules (the 
Representative Particle). Using the mole map, we should start at moles then 
multiply by Avogadro’s number (6.022 x 10”) to get representative particles. 


4.75 moles x (6.022 x 10”’) = 2.86 x 10™ molecules of SO, ;,) 
Solution #2: Using Dimensional Analysis 


o Use the conversion factor, 1 mole = 6.022 x 10” molecules, in your dimensional 
analysis. 


6.022 x107° molecules 


= 24 
Imole of SO, = 2.86 x 10° molecules of SO; (,) 


4.75 moles of SO) (,) x 
9) 


If you had to do the reverse, that is, convert the number of molecules to the number of moles, 
the 6.022 x 10”? term would be in the denominator of the conversion factor, and you’d be 
dividing by 6.022 x 107°. When dividing by any value given in scientific notation, use ( ) around 
that value to ensure your calculator will calculate the quantity correctly. Let’s try another! 


Example: How many atoms are in 2.6 moles of copper? 
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Solution #1: Using the Mole Map 


o The problem gives us moles and wants us to determine atoms. Using the mole 
map, we should start at moles, then multiply by Avogadro’s number (6.022 x 
107%). 


2.6 x (6.022 x 10”3) = 1.6 x 10” atoms 


e@ Wait, why don’t | multiply by the subscript? First, the original item given was copper, the 
representative particle of which is an atom. Thus, you can stop there. You could also 
think of it as the subscript on copper is 1 since it is monatomic. Try to figure out what 
you would do if it was oxygen, which is diatomic. 


Example: How many S atoms are in 1.45 x 10”? formula units of solid iron (III) sulfate? 


Solution #1: Using the Mole Map 

o Determine the chemical formula for the compound. 

o The problem gives us formula units (Representative Particle) and wants us to 
determine atoms. Using the mole map, we should start at representative 
particle then multiply by the subscript for sulfur (S) to get atoms, which is 3 in 
this example. Note: The subscript outside the parentheses applies to everything 
within the parentheses. 


1.45 x 10° formula units of Fe,(SO,)3 )x 3 = 4.35 x 10”° atoms of S 


Solution #2: Using Dimensional Analysis 
o Determine the chemical formula for the compound. 
o Inthe formula Fe,(SO,)3 ,,) there are 3 sulfur (S) atoms for every one formula unit 
of Fe,(SO,)3 (, Use dimensional analysis to multiply the number of formula units 
by the ratio of 3 S atoms for one formula unit: 


94 , 3 S atoms = 33 
1.45 x 10° formula units of Fe,(SO,)5 (.) x a formilaute 4.35 x 10°° atoms of S 
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e If you had to do the reverse, that is, determine the number of formula units or 
molecules given the number of atoms or ions, you would divide. This might sound 
strange, but it’s just like the following situation: if you have 100 tires, how many cars 
could you make? You’d divide 100 by 4 (the number of tires per car) to solve this 
problem. 


For any mole conversion involving mass (whether that’s converting to a mass, or 
converting away from a mass), you need to determine the molar mass of that element or 
compound. That molar mass is the conversion factor (See the Mole Map referenced 
previously). 


Example: How many moles are in 50.0 g of copper (II) chloride dihydrate? 
Determine the formula, then use a periodic table to help you calculate the molar mass of CuCl, - 
2 H,O. This is 170.481 g/mol. Therefore, one mole of this compound weighs 170.481 grams. 


To make the dimensional analysis work, 170.481 g will need to be in the denominator of the 
conversion factor. (If you had to convert from moles to mass, divide by that molar mass.) 


1 mole 
50.0 g CuCl, - 2 H,O x 1704819 0.293 moles 


Still not sure on the dimensional analysis? Try to use the mole map to acquire the same answer. 
Here’s a more difficult example of a multi-step mole conversion problem. 


Example: Calculate the number of hydrogen atoms in 100.0 g of glucose, C;H,,0¢. 


aca te TT Ty 
—_> —> H3t3¢ —Pesece 
tet ecece 


REPRESENTATIVE 
MASS MOLE PARTICLE ATOM 


The Process: 
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The Math: 


100.0 g of C,H,,0, 1 mole 6.022 x 10° molecules | 12 H atoms 
180.156 g 1 mole 1 molecules 


= 4.01 x 10% H atoms 


You still need to keep up with your metric conversions (see 1.05), since all metric conversions 
can and will be used in dimensional analysis. By the way, a 1:1 ratio is still a mole conversion: 
for example, 15 water molecules contain 15 O atoms, since the ratio of O atoms to H,O 
molecules is 1:1. 


For mixtures, calculate the number of moles of atoms for each component and then add them 
together. You must do this because the different components will each have different molar 
masses. 


5.03: Percent (%) Composition, Empirical and Molecular Formulas 


Learning Objectives: 


(2.E) plan and implement investigative procedures 

(2.F) collect data and make measurements with accuracy and precision. 

(2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 

(2.H) organize, analyze, evaluate, make inferences, and predict trends from data. 
(2.1) communicate valid conclusions supported by the data 

(3.B) communicate and apply scientific information extracted from various sources 
(8.C) calculate the percent composition of compounds 


(8.D) differentiate between empirical and molecular formulas 


Percent Composition 


Joseph Proust’s law of definite proportions predicts that the percentages of elements by 
mass in a compound are always the same. This is called the percent composition. For example, 
this means that no matter how a sample of water is prepared it will always be composed of 
11.19% hydrogen and 88.81% oxygen. Of course, we know this is true because the formula for 
water is H,O. Later we will show you how to derive a formula from its percent composition. 
When a new compound is synthesized in the lab, determining the percent composition is almost 
always the first step, since it can then be used to figure out the compound’s true formula. 


16 


Percent Composition Calculations 


The percent composition formula, used to calculate the percent of an element ina 
sample of compound, is as follows, and would be used if you knew what the formula was. See if 
you can calculate the percent of oxygen in water - is it the same as previously stated? 


mass of element 


—____________——— x 100 = % Composition of Elemeni 
molar mass of compound 


Example: Calculate the percent composition of potassium in potassium oxide. 


(2 moles x 39.098 g/mol) 


I —__§_§_ ___——— x 100% 
(2 moles x 39.098 g/mol + 1 mole x 15.999 g/mol) 


% composition of Kin K,O = 


= 83.015% 


The Empirical and Molecular Formula 


Up until this point, we have been working with what we refer to as the molecular 
formula, a formula in which the subscripts provide the exact number of each element in a 
formula. For instance, glucose (C,H,,0,) is a molecular formula. It provides us with how many 
carbon atoms are in a molecule: 6. The empirical formula provides you with the relative ratio 
of one atom to another within a compound, or the simplest positive integer ratio of atoms. For 
example, the empirical formula for glucose is CH,O which means in a glucose molecule there are 
2 H atoms for every C atom. 


Sometimes the empirical and molecular formulas of the same compound are the same 
formula - but not always! It is important to note that even though two compounds can have the 
same empirical formula they are not the same compound. They will both have their own set of 
physical and chemical properties. Here are some examples of empirical and molecular formulas: 


Molecular Empirical Common Name/Properties 
Formula Formula 


ae i Carbon Monoxide, Colorless, Flammable Gas 


co co 
Vinegar, Colorless liquid, Weak Acid 
Formaldehyde, Tissue Preservation, 
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a Glucose, Monosaccharide, Energy 
Metabolism 


To obtain the molecular formula for a compound, you must multiply the subscripts of 
the corresponding empirical formula by some small whole number ratio. For instance, to go 
from the empirical formula of glucose to the molecular you would multiply each of the 
subscripts in the empirical formula by 6. 


How can you calculate the empirical formula from lab data? Let’s run through an example: 


Example: A 10.0 g sample of a compound containing only iron and oxygen contains 6.994 g iron. 
What is the empirical formula of this compound? 


Step 1: Calculate the mass of each element. 


Note: If you are given the percentage of each element, assume that there are 100 g of the 
substance and merely convert the % to grams. For instance, if the sample was 44% Fe and 56% 
O then the mass amounts would be 44 g of Fe and 56g of O. 


total mass = mass of Fe + mass of O 
10.0 g = 6.994 g + mass of O 
mass of O = 3.006 g 


Step 2: Convert to moles by dividing the amount in grams by the molar mass of the 
element. 


1 mole F 
6.994 gFe x etre ap, = 01252395 moles of Fe 


1 mole O 
3.006 gO x 7599990 = 0.187887 moles of O 


Note that a lot of “sig figs” are being used for each answer. There are multiple steps in this 
calculation, so do not round and cut off the sig figs too early. 


Step 3: Select the smallest mole value and divide ALL values by this smallest value. This 
will obtain the subscripts for the empirical formula, if all the answers are whole 
numbers. 
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0.1252395 moles of Fe. 0.187887 molesO  __ 15 
0.1252395 moles of Fe 0.1252395 moles Fe 


This gets us an empirical formula of Fe,O,., which is not acceptable; so, we move on to the 
next step. (If they were all whole numbers, you’d have your answer.) 


Step 4: If any result from the last step is a decimal mixed number, you must multiply ALL 
values by some factor to make it a whole number. (1.33 x 3, 2.25 x 4, 2.50 x 2, etc.) 


Use these whole number results as subscripts and write the empirical formula, listing the 
elements in the order they are given in the problem. 
Fe 149 O15x2 = Fe,03 


The empirical formula of the iron -oxygen compound is Fe,O3. 
(Don’t be surprised at the subscripts in some formulas. Many organic molecules are huge.) 


Here is a mnemonic you can use to help you remember the steps of determining the empirical 
formula. ” 


Percent to mass 
Mass to mole 
Divide by small 


Multiply till whole 


Molecular formulas are either the same as its experimentally determined empirical 
formula, or a multiple of the empirical formula. To determine the molecular formula, you must 
know the compound’s empirical formula AND the molar mass of the molecular compound. 


Here is how to calculate the molecular formula, with an example: 


Example: The molar mass of a compound is 181.50 g/mol and the empirical formula is C,HCI. 
What is the molecular formula? 


? Reprinted (adapted) with permission from J. Chem. Educ. 1988, 65, 8, 704. Copyright 1988 American Chemical 
Society. 
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Step 1: Calculate the molar mass of the empirical formula (EF) (which you have already 
found, or it will be given to you). 


Molar Mass of EF = (12.011 x 2) + (1.008 x 1) + (35.453 x 1) = 60.483 g/mol 


Step 2: Divide the known molar mass of the molecular formula (MF) by the mass of the 
empirical formula. This will give you a positive integer “multiplier.” 


Calculate the multiplier, n, by dividing the known molar mass (181.50) by the EF. 


181.50 
n= = 3 
60.49 


Step 3: Multiply that number by the subscripts of the empirical formula to get the 
subscripts of the molecular formula. 


Multiply all the subscripts by n. The molecular formula is C,H,Cl3. 


5.04: Hydrate Calculations 


Learning Objectives: 


(3.B) communicate and apply scientific information extracted from various sources 
(2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

(8.A) define and use the concept of the mole. 

(8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro's number. 

(8.C) calculate the percent composition of compounds. 

(8.D) differentiate between empirical and molecular formulas. 


Properties of Hydrates 
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Hydrates are ionic compounds with an ionic crystal lattice structure, but in between the 
formula units you will find at least some water molecules trapped between them. (Contrast 
that to an anhydrous ionic compound, which contains no water.) This water can be removed 
from the solid hydrate crystal simply by heating it strongly over a Bunsen burner flame or hot 
plate. The mass of the water can be found by subtracting the mass of the crystal after 
dehydration from the original mass of the hydrate. The product of this lab procedure, which is 
anhydrous, could be rehydrated just by adding water to it (as you’d expect). 


et 8: ok 


Let’s take our example of the common hydrate, copper (II) sulfate pentahydrate. In any 
given sample of this hydrate, there is one formula unit of copper (II) sulfate for every five 
molecules of water. Similarly, for every mole of copper (II) sulfate in a sample, there are five 
moles of water. 


Determining the formula & molar/formula weight of a hydrate 


The formula of a hydrate (ionic compound containing water), indicates not only the 
number of atoms or ions present in a formula unit of the structure, but also the number of 
water molecules present. So, in one formula unit of CuSO, - 5 HO, you will have one CuSO, and 
five H,Os, and in one mole of CuSO, : 5 H,O you will have one mole of CuSO, and five moles of 
H,O. More on this in 2.04. 


CuSO.5H.0 4 OS 
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To calculate the molar mass of a hydrate, add up the molar masses of the elements in 
the first compound (formula mass), making sure to multiply the molar mass of an element by its 
subscript. Then, add up the molar mass of the elements in water. Next, multiply the coefficient 
in front of the water by the molar mass of water. Finally, add the product of your water to the 
product of the molar mass of the first compound. 


Example: What is the molar mass (or the mass of 1 mole) of copper (II) sulfate pentahydrate? 
Step 1: Determine the formula and calculate molar mass for copper (II) sulfate. 
= 63.546 + 32.066 + (15.999 x 4), since the formula is CuSO,. 
= 159.608 g/mol copper (II) sulfate 
Step 2: Calculate the molar mass of water present in the hydrate 
= (1.008 x 2 + 15.999) x 5, since penta- = 
= 90.075 g/mol H,O 
Step 3: Add the two molar masses together 
= 159.608 + 90.075 
= 249.683 g/mol CuSO, - 5 H,O 
Determining a Hydrate Formula using experimental data 
To determine the water content of an ionic hydrate sample, we measure the mass of the 
sample experimentally before and after heating with a Bunsen burner. The mass of water in the 
hydrate sample equals the mass lost upon heating. 


Here are the steps, with an example: 


Example: A 15.67 g sample of a magnesium carbonate hydrate was heated to drive off the 
water. The mass was reduced to 7.58 g. What is the formula and name of the hydrate? 


Step 1: Calculate how many grams of water are present in the sample by subtracting the 
mass of the sample after heating from the mass of the sample before heating: 


mass of sample before heating - mass of sample after heating = mass of water 


15.67 g of hydrate — 7.58 g of anhydrous compound = 8.09 g of water 


22 


Step 2: Calculate the number of moles of water using dimensional analysis. 


1 mole H,0 


8.09 g H,0 x 18.015 g HO 


= 0.44907 moles H,O 


Step 3: Determine the formula of magnesium carbonate. Then, calculate the number of 
moles of anhydrous (the sample after heating, using dimensional analysis. 


1 mole MgCO, 


7.58 8 MBCO3* Fa373 9 mgco, 


= 0.089903 moles MgCO, 


Step 4: Calculate the number of moles of hydration by dividing the number of moles of 
water by the number of moles of anhydrous compound: 


moles of water 


—_______—__—_—. = moles of hydratior 
moles of anhydrous 


0.44907 moles 


# of moles of water = GUeootannee 


= 4.99, which is about 5 


(This number is also called the number of waters of hydration.) 


Step 5: Write the chemical formula for the anhydrous compound, followed by a raised 
dot, followed by the number of waters of hydration obtained through step 4. 
The chemical formula for this hydrate is MgCO, : 5 H,O. 


Based on the analysis, we can express the water content of the hydrate as a percent as 
well as the chemical formula. Using the mass of water and total sample mass, we can calculate 


the mass percent of water. Calculate the mass percent of water in the sample by dividing the 
mass of the water by the mass of the original sample and multiplying by 100: 


mass % of water = (mass of water / mass of the original sample) x 100 


5.06: Stoichiometry: The Basics 


Learning Objectives: 


e (3.B) communicate and apply scientific information extracted from various sources 
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e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

e (8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro's number. 

e (8.G) perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield. 


Stoichiometry 


If you look at a chemical equation as a “recipe” where the reactants undergo chemical 
changes to form products, it makes sense that a scientist studying that reaction might want to 
be able to predict how much product is made if you put in a specific amount of reactants, or, if 
you want a specific amount of product to be made, to determine how much reactant you have 
to acquire. We use stoichiometry, or the study of quantities in chemical reactions, to calculate 
the number of moles of reactant or product required. 


For example, let’s look at the recipe for a s’more (Yum!) and see if we can answer some 
questions. 


2 graham crackers + 1 marshmallow + 2 pieces of chocolate 7} ~=1s’more 


o How many graham crackers do you need to make 2 s’mores? 
« 4, right! Hopefully that was easy. You knew that there are 2 graham 
crackers for every s’more (the mole ratio) so you just multiplied 2 by 2. 
That is stoichiometry! 


o How many s’mores can you make with 3 marshmallows and 8 graham crackers? 
« 3, right! You would have just enough marshmallows to make 3. You would 
have graham crackers left over (we call this excess and will get to it in the 


next lesson) 


Let’s go back to this balanced chemical equation: 


2 Na (s) + 2 H,O (I) = 2 NaOH (aq) + H, (g) 
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This balanced chemical equation means: 


e 2Na atoms react with 2 H,O molecules to yield 2 NaOH formula units and 1 H, molecule. 

e@ 2dozen Na atoms react with 2 dozen H,O molecules to yield 2 dozen NaOH formula units 
and 1 dozen H, molecules. 

@ 2moles Na atoms react with 2 moles H,O molecules to yield 2 moles NaOH formula units 
and 1 mole H, molecules. 


Since a chemical reaction is like a recipe, the ratios of reactants and products is 
important to determine just how much product will be made. This is really important to know 
in fields like pharmaceuticals. This ratio is always in terms of moles in a chemical reaction and is 
known as the mole ratio. You get the numbers for the mole ratios from the coefficients in the 
balanced chemical equation. 


Some of the mole ratios for the example chemical equation are: 


@ Na: H,O = 1:1 (or the mole ratio of Na to H,O is 1 mole to 1 mole) 
e@ H,0: H, = 2:1 (or the mole ratio of H,O to H, is 2 moles to 1 mole) 


Now, let’s apply our s’more example to an actual chemical reaction, the synthesis of ammonia 
(NH). Since we’ve been through reaction prediction and chemical nomenclature, be prepared 
to write and balance a chemical equation (reactants AND products) when prompted. 


N> (g) + 3 Hy) 2 NH3 ¢) 


-> 


o How many molecules of N, do you need to make 4 molecules of NH;? 


« 2, right! Just like in the s’mores example, you know that 1 molecule can make 2 
molecules of NH. Thus, you just divided 4 by 2. 
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«= You could also solve this problem from a dimensional analysis perspective. 


4 molecules of NH; | 1moleculesofN, = 2 molecules of NH; 


2 molecules of NH, 
o How many moles of NH; can you produce with 2 moles of H,? 


«You would solve this the same way. You can make 4/3 mole. 
« That is a little harder to do in your head. That is okay, let’s look at the 
dimensional analysis. 


2 moles of H, 2 moles of NH, = 4/3 mole of NH, 
3 moles of H, 


Stoichiometry is a more complex type of dimensional analysis. The mole ratios play a big 
part in helping you convert from moles or mass of something to moles or mass of something 
else - which means you also need to have a balanced chemical equation. If the equation isn’t 
balanced, balancing the equation should be the very first thing you do. /t is your responsibility 
to balance chemical equations if the one you are given is unbalanced. 


There is a stoichiometric map you could use as a tool to keep the steps organized. 


Determine the given quantity and its unit first. That determines where you start on the map. 
(Note: Dotted arrows represent division and solid arrows represent multiplication) 


or oe —_—_—> 
molar mass A mole ratio of 3 molar mass B 
+— — > 


MASS (g) MASS (g) 


The following example problems are solved in three ways: the mole map way, the dimensional 
analysis “train tracks” way, and the “Proportion Method.” Study them carefully! 
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For our next example, copper wire reacts with silver nitrate solution, and one of the products is 
a copper (II) compound. Write and balance a complete chemical equation using your 
knowledge of chemical reactions, including the state signifiers: 


Cu |.) + = 2 AgNO (aq) = 2 Ag (s) + = Cu(NOs), (aq) 
Example 1: How many moles of copper are needed to react with excess silver nitrate to produce 


0.500 moles of silver? 


First off, know that “with excess silver nitrate” means that the mass of silver nitrate is irrelevant, 
and you have plenty of silver nitrate to react with the copper to create the products. 


Solution #1: Use the mole map. 


o You were given moles of copper (let’s call that moles of A). From there you need 
to get to moles of silver (let’s call that mole of B). Therefore, you just need to 
multiply by the molar ratio of A to B. 


0.500 moles of Ag x % = 0.250 moles of Cu 


Solution #2: Use dimensional analysis. 


o This method uses the fact that there is 1 mole of Cu for every 2 moles of Ag and 
the train tracks taught in 1.07. 


0.500 motes-otAg 1 moles of Cu 
2 moles ofhte 


= 0.250 moles of Cu 


Solution #3: Use the Proportion Method. 


o The “Proportion Method” uses cross-multiplication. Set up a ratio on each side 
of the equals sign, one side for each chemical involved. You are determining “x”. 
The denominators come from the coefficients in the balanced equation. 


0.500 moles of Ag x moles of Cu 


2 moles of Ag 1 mole of Cu 
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2(x) = (0.500)(1), so x = 0.250 moles of Cu 


Now, let’s practice mass to mass stoichiometry. Sodium metal reacts with water to form two 
products. First, write the balanced equation, including the state signifiers. 


2 Naw + 2 H,0 —  2NaOH,,,) + Hp ig) 
Example 2: Calculate the mass of sodium metal needed to react with 50.0 g of water. 
Solution #1: Use the mole map. 
o The problem gives you the mass of A (water) and wants us to determine the 
mass of B (sodium). Using the mole map these are the operations we should 


perform. 


50.0 g of H,O + (18.015 g/mol) + (2/2) x (22.990 g/mol) = 63.8 g of Na 


Solution #2: Use dimensional analysis. 


o Note that you ONLY use the stoichiometric coefficient for the mole ratio! 


50.0 g of HO | 1 mole of H,O 2 moles of Na 22.990 g 
= 63.8 g of Na 
18.015 g 2 moles of H,O 1 mole of Na 
Solution #3: Use the proportion method. 
o Note the addition of the molar masses. 
mass of A mass of B 
(coefficient of A)(molar mass of A) 7 (coefficient of B)(molar mass of B) 

50.0 g of H,O xgofNa 

(2 moles)(18.015 = (2 moles)(22.990 


g/mol) g/mol) 


(50.0)(2)(22.990) = (2)(x)(18.015) 
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2299 = 36.03x 
X = 63.8 g of Na 


Example 3: Calculate the mass of hydrogen that will be produced if you place 60.0 g of sodium 
in an excess amount of water. 


Solution #1: Use the mole map. 


o The problem gives you the mass of A (sodium) and wants us to determine the 
mass of B (hydrogen). Using the mole map these are the operations we should 
perform. 


60.0 g of Na + (22.990 g/mol) + (2/1) x (2.016 g/mol) = 2.63 g of H, 


Solution #2: Use dimensional analysis. 
o Note that you only use the stoichiometric coefficient for the mole ratio only! 


60.0 g of Na 1 mole of Na 1 moles of H, 2.016 g 


= 2.63 g of H, 
22.990 g/mol 2 moles of Na 1 mole of H, 


Solution #3: Use the proportion method. 


o Note the inclusion of the molar masses. 


60.0 g of Na xg of H, 
(2 moles)(22.990 g/mol) (1 mole)(2.016 g/mol) 


(60.0)(1)(2.016) = (2)(x)(22.990) 
120.96 = 45.98x 


x= 2.63 gof Na 


Now, you can combine the Mole Map from earlier to include the mole ratio conversion in this 
lesson. 
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5.07: Stoichiometry: Theoretical and Actual Yield 


Learning Objectives: 


(3.B) communicate and apply scientific information extracted from various sources 
(2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 

e (8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro’s number 
(8.D) differentiate between empirical and molecular formulas 
(8.G) perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield 


Percent Yield 
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The theoretical yield is the mass of product that you should “theoretically” make if a 
certain mass of reactant is put in and reacts completely with the other reactants. Ideally, the 
theoretical yield (which you always calculate) and the actual yield (the mass you really make) 
will be the same, but it doesn’t always happen, due to systematic and random errors that pop 
up. The percent yield is the ratio of the actual yield to the theoretical yield and reflects the 
amount of error that was present. It is most common to have percent yields below 100%, but 
percent yield can on occasion be above 100% as well. 


Actual Yield 
Percent Yield(%) = ————————— X100 
Theoretical Yield 


Let’s try an example. A chemical company is mass producing ammonia using what is referred to 
as the Haber Process. This is simply the synthesis of ammonia. 


The chemists ran the reaction using 64.3 moles of hydrogen gas in the presence of excess 
nitrogen. At the end of the experiment, it was determined that 130. g of ammonia had been 
created. Calculate the percent yield of ammonia. 


Solution: First, write and balance the chemical equation for the synthesis of ammonia. Then, 
to solve this problem, we need to think about it in two steps. First, determine the theoretical 
yield of ammonia using stoichiometry. Second, use that theoretical yield and the given actual to 
determine the percent yield. 


Write the balanced chemical equation here: 


Step 1: Calculate the theoretical yield using dimensional analysis. The ratio between 
ammonia and hydrogen is 2:3. 


64.3 mol of H, 2 mol of NH; 17.024 g NH, 
= 730. g of NH; 
3 mol of H, 1 mol of NH; 
Step 2: Calculate the percent yield given, the actual yield and calculated theoretical 
yield. 


130. g 
Percent Yield (%) = —_===——- X100 =17.8% 
730. g 
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5.08: Stoichiometry: Limiting and Excess 


Learning Objectives: 


e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 

e (8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro’s number 

e@ (8.G) perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield 

e (8.H) describe the concept of limiting reactants in a balanced chemical equation 


Limiting and Excess Stoichiometry 


Consider the synthesis of water vapor: 


2 Hp) + O> (e) vs 2 H,0 ¢g) 


C0 % 
P © 
%® oO 


In the above reaction, there is an exact ratio of hydrogen molecules and oxygen 
molecules present for the reaction to produce enough water molecules so that there are no 
reactants left over. In other words, all the reactants were used in the reaction. This rarely 
occurs, due to collisions and reaction rates. For the above reaction to occur, enough kinetic 
energy would have to be absorbed to cause effective collisions to break apart the reactants, and 
that is not always possible. 


The reaction below is more likely to occur where there are left over reactants. 


H> (g) + O2 (¢) 7 —H,0%@) + O24) 
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Sometimes it is necessary to make sure the reaction goes to completion. Going to 
completion means one of the reactants is used up completely and the other reactants are left in 
excess. The reactant that is used up completely is the limiting reactant. Once the limiting 


reactant is used up, the reaction will stop. The leftover excess reactant will be mixed in with the 
new product. 


Bice 
% oo GQ ge 


Limiting Reactant Excess Reactant Amount of Product 
determined by Limiting 
Reactant 


The limiting reactant will not always be the same in every reaction or every situation. 
The limiting reactant is the “boss” of the reaction, since it controls how much product is formed. 
Below, the H, is in excess: 


H) (e) + O02 (¢) a HO (g) + Ho i) 
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C0 % 
P © 
%® oO 


Now, take the concept of stoichiometry and apply limiting/excess reactants. You can 
either use the mole map, dimensional analysis, or the proportion method. The following 
example uses dimensional analysis. 


Example: Given 24 g of oxygen and 5.0 g of hydrogen, determine the theoretical yield of water 
produced in moles, the limiting reactant, the excess reactant, and the moles of excess reactant 
left over. 


Step 1: Write the balanced chemical equation: 


2 Ho () + O2 ig) > 2 H20 (g) 


Step 2: Do two conversions, one for each reactant. Convert to moles of the product 
using each of the reactants: 


24¢0, 1 melo, 2 mol H,O mops this 
31.998 gO, 1 melo, : 

5.0 gH, 1 mrotH, 2 mol H,O Pee eS 
2.016 eH, 2 met, : 


Thus, O.,,) would be the limiting reactant because 1.5 mol of H,O,,) is less than 2.5 mol of H,O,. 
The theoretical yield of water would be 1.5 moles. All the O,,) is gone. 


Once the limiting reactant runs out, it puts a “limit” on the mass of product that can be 
produced. This is why you pick the reactant that leads to the smaller mass or moles of product. 
That reactant will be limiting. This means that the excess reactant must be H,. 


Sometimes scientists would like to know how much of the excess reactant is left over, in 
order to know how much “waste” is left over. Once you know what the limiting reactant is (in 
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this case O,), you can solve for the mass of the excess reactant that was *truly* used up. Not all 
the excess reactant is used up. You can then subtract that mass from the original mass of excess 
reactant made available. 


Step 3: Use the mass of limiting reactant to calculate the grams of excess reactant (H,) 
truly used: 


24 ¢0, 1 melo, 2 rrel4, 2.016 g H, 


=2.9gH, 
31.998 gO, 1 met, 1 ett, 


In this case there was 2.9 g of H, used up in the reaction (amount reacted). 


Step 4: Subtract the initial amount (given amount in the problem) of the excess reactant 
(H,) from the amount used (amount reacted) to find the amount left-over. 


5.0gH,-2.9gH,=2.1gH, 
In this case, there are 2.1 g H, (,) left over or in excess after the reaction. 


If you like, you can try an alternate method for determining the limiting reactant. 
Assume that one reactant is limiting (for now) and calculate the mass of the other reactant 
needed to react with it. You will be able to see from that calculation which reactant is limiting. 
You can then calculate the theoretical yield of something, or the mass of excess reactant left 
over, just like in Steps 3 and 4 above. 


Example: Given 24 g of O, and 5.0 g of H., determine which reactant is limiting in the reaction 
of H, and O, to form water. (Yes, it’s the same as the previous problem.) 


For fun, let’s assume the H, is limiting. *If* the H, is limiting, we will have plenty of O, in excess. 
Calculate the mass of O, required to react. Using the Proportion Method, you get this: 


5.0 g of H, x g of O, 


2moles (2.016 27) 1 mole (31,998) 


Solving for “x” gives you 39.68 g of O, required to react. However, this is not the amount of O, 
available! (You had 24 g of O, available at the start.) This proves that the assumption was 
incorrect, and that H, is in excess. 
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Now that you know H, is in excess, you can calculate for the theoretical yield of water 
starting with the 24 g of O,. Or you can solve for the mass of H, really needed to react with the 
24 g of O, (Step 3) and then subtract that mass from 5.0 g of H, (the mass available) to 
determine the mass of excess reactant left over. The dimensional analysis work for this is on the 
previous page. 


5.09: Gravimetric Analysis Lab 


Learning Objectives: 


e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures 
(3.B) communicate and apply scientific information extracted from various sources 
(8.G) perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield 


Gravimetric Analysis 


Gravimetric analysis is a lab technique where you first predict the mass of a product you 
hope to make through a chemical change, physically manufacture and recover that product, and 
then compare the mass you predicted to the mass you really did make. The comparison at the 
end is important because it serves as a check on the number of errors (systematic or random) 
that occurred. 


The mass you predict is your theoretical yield of product, and you would predict this by 
doing a mass-to-mass stoichiometry problem. The mass you really make, through 
experimentation, is your actual yield. You can then calculate the percent yield. The higher the 
percent yield, the fewer and/or more insignificant errors were made. A lower percent yield 
means loss of reactants, loss of product, or both. A higher percent yield means there is excess 
“oroduct”; you may have unwanted products or unwanted substances mixed in with your 
product, which is adding to your actual yield. Many times, an unwanted “side reaction” (some 
other chemical reaction, other than the one you are using or studying) is yielding products that 
add to the product you set out to create. In industry, it is incredibly common to obtain low 
percent yields. Improving and streamlining procedures to promote efficiency will improve 
percent yield and thus increase revenue. 
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The procedure usually goes as follows: ? 


Weigh a piece of dry, clean filter paper. 
Perform a chemical reaction that will form the product of 
interest. 


e Separate the solid — or the precipitate — from unused reactants \ 
and waste product. (This “waste” liquid is called the pe 
supernatant.) 

e@ To separate them, we filter the precipitate through filter paper 
and a funnel so the supernatant passes through the funnel to a 
beaker below. See the graphic on the left. This helps prevent 


product loss down the funnel. 


Wash the precipitate several times, with distilled water, to 
ensure all the waste chemicals have completely removed before 
drying. Simply add distilled water to the precipitate and filter paper 
gently, so as not to lose product. 


Once you have finished filtering, dry the precipitate thoroughly. Weighing the 
precipitate while wet adds unwanted mass. Weigh the dried precipitate and filter paper. 
Ideally, you would weigh it several times, then record the lowest mass reached. 


Unit 6: Thermochemistry and Kinetics 


**EVERYTHING IS SUBJECT TO CHANGE** 


Thermodynamics, Heat and q = mCAT / Energy of Food Lab 
Heat and Calorimetry | and II/Specific Heat of Metals Lab 


Enthalpy of Phase Changes 
Enthalpy of Reaction 


3 Libretexts. “8.2: Precipitation Gravimetry.” Chemistry LibreTexts, Libretexts, 24 Dec. 2016, 
chem.libretexts.org/LibreTexts/Northeastern/08%3A_Gravimetric_Methods/8.2%3A_Precipitation_Gravimetry. 
Licensed under CC BY NC SA 3.0: https://creativecommons.org/licenses/by-nc-sa/3.0/us/legalcode. 
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6.01: Thermodynamics, Heat and q = mCAT 
Learning Objectives: 


e (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

e (4.B) Identify extensive properties such as mass and volume and intensive properties 
such as density and melting point. 

e (11.A) Describe energy and its forms, including kinetic, potential, chemical, and thermal 
energies. 

e (11.B) Describe the law of conservation of energy and the processes of heat transfer in 
terms of calorimetry. 

e (11.C) Classify reactions as exothermic or endothermic and represent energy changes 
that occur in chemical reactions using thermochemical equations or graphical analysis. 

e (11.D) Perform calculations involving heat, mass, temperature change, and specific heat. 


An Introduction to Thermodynamics 


Energy is commonly defined as the ability to do work. As you recall from other science 
courses, energy can take on many forms, but the two main types of interest to us are kinetic 
energy (the energy of moving objects or particles — Kelvin temperature is a measure of average 
kinetic energy) and potential energy (the energy stored in objects or chemical bonds and 
forces). You also probably know that there are other forms of energy, such as electrical energy, 
electromagnetic (radiant) energy (such as solar energy), and sound energy. You probably also 
know that energy is also always conserved. Energy, like mass, cannot be created or destroyed in 
areaction. This statement is called the law of conservation of energy. 


Heat energy (or thermal energy) is energy that is transferred from one object/particle to 
another due to differences in temperature. Temperature is a measure of average kinetic energy, 
which manifests as the particles in a substance move. The particles are always moving. As 
particles move, they exert friction on each other, which causes the heat to increase. Heat 
ALWAYS moves from the warmer place/object to the cooler place/object — by conduction (direct 
physical contact), convection (via air currents) or by radiation. For example, a hot piece of 
metal added to a beaker of cold water will transfer heat from the metal to the water until, in the 
end, both metal and water have the same temperature. After a heat transfer, both 
places/objects have attained a state of thermal equilibrium, meaning that they have the same 
temperature. In thermal equilibrium, there is no net flow of thermal energy between the two 
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substances involved. (This tendency towards thermal equilibrium is called the zeroth law of 
thermodynamics.) 


Here are some particle diagrams to help you make sense of thermal equilibrium. 
Remember that the particles are always moving. The arrows depict the flow of energy. 


A solid substance at 10 K A solid substance at 200 K (higher A solid substance existing in 
(low temperature) in a 300 K temperature) in a 50 K environment thermal equilibrium with its 


environment (high temperature) (lower temperature) environment 


In a more general sense, we study heat flow between two constructs: the system — 
which is the object, change or reaction we are studying, and the surroundings, which is 
everything else outside of it. For example, let’s say you are burning a marshmallow over an 
open fire outside. The sugar in the marshmallow undergoes combustion with excess oxygen 
gas. Let’s say we are studying the heat released in that combustion reaction. The combustion 
reaction — which means the sugar molecules, the oxygen molecules, the carbon dioxide, the 
water vapor, and all the forces and chemical bonds contained therein — is the system. 
Everything else outside this system is the surroundings. This includes the stick that holds the 
marshmallow, the rock or chair you are sitting on, you, your family or friends, this school literally 
everything else outside the system. The sum of the system and the surroundings is called the 
universe. 


The actual statement of the law of conservation of energy — the First Law of 
Thermodynamics — is: the total energy of the universe remains constant. Energy will flow 
between a warmer system to its cooler surroundings or from warmer surroundings to a cooler 
system (depending on the situation) until thermal equilibrium, and since you cannot create or 
destroy energy, whatever energy that is transferred helps keep the energy of the universe a 
constant value. It doesn’t matter what this constant value is — it just matters that the value for 
the universe remains the same. 
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In an endothermic change, the cooler system absorbs energy from its warmer 
surroundings. The container will feel cold to you because you are contacting the surroundings 
(not the system) and energy is being removed away from the surroundings. These changes can 
either be physical or chemical changes. Energy (heat/thermal) is absorbed as the products of 
the reaction have more potential energy than reactants. Breaking a chemical bond is always an 
endothermic change, since you must overcome the potential energy that makes up the bond in 
the first place. In the example below, the arrows point into the square, representing energy 
flow from the surroundings into the system (the square). 


Examples 
e Heat + NH,Cl + H,0 — NH,OH + HCl 
e Photosynthesis 
e Melting and evaporation 


In an exothermic change, the system releases heat to surroundings. The container will 
feel hot to you because you are contacting the surroundings, so you sense the heat coming out 
of the system. Energy (heat/thermal) is released as the products of the reaction have less 
potential energy than reactants. Forming a new chemical bond is always an exothermic change; 
atoms in chemical bonds have a lower potential energy (and are more stable) than free atoms, 
so when that new bond forms, some of the energy the atoms “used to” have is released. In the 
example below, the arrows point out of the square, representing energy flow from the system 
(the square) into the surroundings. 


Examples 
e CH,+20, % CO, + 2H,O + Heat 
e Burning 


e Rusting of iron 
e Condensation and freezing 


Measuring Energy 
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The SI unit for energy is the Joule (J), named after James Prescott Joule. However, it is 
not the only unit. In fields such as engineering the calorie is also used as a unit of measurement 
for heat. A calorie (cal) is the quantity of heat needed to raise the temperature of 1g (or 1 mL 
of 1 cc or 1 cm’) of pure water up by 1.0 ‘C. This is also called a heat calorie. 


1J = 0.2390 cal or 4.184 J =1 cal 


This is NOT the same “Calorie” you see referenced on food bags. When reading nutrition labels, 
the number of calories stated are given as dietary calories or Calories. Remember, little “c” 
heat calories are NOT big C dietary Calories! 


1 Calorie (dietary calorie) = 1 kilocalorie = 1000 heat calories 


Recall from last semester that SI units have a system of prefixes that denote meaning. Although 
we will primarily use the prefix “kilo-“, it is useful to have a reminder of what all the significant 
prefixes stand for. 


1/1000000 of the SI base unit 1pm = 10°m;1m=10° pm 
1/1000000000 of the SI base unit 1nm=10°m;1m=10°nm 
1/1000000000000 of the SI base unit 1pm=10"%m;1m=10" pm 


Heat and q=mCAT 


The amount of heat to be transferred by a substance can be calculated using one of two 
constants (symbol, C) directly related to the makeup of the substance: 


e Heat capacity (C): the amount of energy needed to raise or lower the temperature of a 


substance by 1°C (units: J/g). 
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e Specific heat capacity (C): the amount of energy needed to raise or lower the 
temperature of 1 g of a substance by 1°C (units: J/g-°C). 


Different substances have different heat capacities and specific heat capacities. Heat is 
transmitted conductively, by friction between the particles of a substance, and their structure 
impacts how efficiently this occurs. Recall that metals have a sea of electrons lattice structure, 
and all the valence electrons move freely throughout the structure; thus, metals heat up very 
well, and cool down quickly, thus are expected to have low specific heat capacities. It takes 
much less energy for a gram of metal to warm up by 1°C than a gram of nonmetal. Other 
substances do not have mobile electrons, or have less flexible structures, so their specific heats 
are larger. Both water and ice have relatively high specific heats, and act as very good 
insulators. (Water helps maintain your body temperature as well as the earth’s global 
temperatures.) 


Just how much heat a substance loses, or gains, depends on how much matter is 
involved (mass), the inherent ability of that substance’s particles to lose or gain heat (specific 
heat capacity) and the temperature difference before and after the change. To calculate the 
amount of transferred heat, we use the formula q = MCAT. The actual unit of q depends on the 
specific heat capacity units being used. 


q = heat (negative value if exothermic; positive value if endothermic) 
m = mass of substance in g 
C = specific heat capacity of the substance *(if J is desired, C should be in J/g-‘C) 
AT = difference in Celsius temperature = T final — T initial 


6.02: Heat and Calorimetry | and Il; Specific Heat of Metals Lab 


Learning Objectives: 


e@ (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures. 

e (11.B) Describe the law of conservation of energy and the processes of heat transfer in 
terms of calorimetry. 

e@ (11.D) Perform calculations involving heat, mass, temperature change, and specific heat. 


Calorimetry 
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To measure the amount of transferred heat during a thermal equilibrium process, we 
use a lab technique called calorimetry. A calorimeter is a device used to measure the amount 
of heat transferred in a chemical or physical change. Many times, it is impossible to measure 
temperature change directly (for example, you cannot, and should not, put a thermometer 
directly into a fire) so we usually use water as a medium to absorb or release energy in the form 
of heat, since it is relatively easy to measure the heat content of water. In other words, the heat 
of an object is measured indirectly - by measuring something else other than the object. We 


also assume that the first law of thermodynamics holds true. The cheese snacks lab is a perfect 
example of simple calorimetry in action. 


There are two types of calorimeters that can be used: a constant pressure 
calorimeter or “coffee cup calorimeter” (to the right) or a 
constant volume calorimeter (bomb calorimeter). Bomb 
calorimeters are typically used for chemical reactions that evolve a 
lot of gases, which increase the pressure dramatically, and require 
a lot of shielding. Typically, a substance is submersed in a known 
quantity of water, or, if you are measuring energy changes for a 
chemical reaction, you would place both reactants in the 


thermometer 


two nested 


calorimeter at the same time. Temperature changes are measured ‘ae coffee cups 


as the change occurs. 


The heat gained or lost by the object is calculated based on 


the law of conservation of energy; if you place a hot object in \ Water, or 
. \ | ti 

cooler water, heat transfers from the hot object to the cooler \ | reacuion 

water until thermal equilibrium is reached. If that hot object \ | mixture 


transfers 200. J of thermal energy, the water surrounding the hot 
object absorbed 200. J of thermal energy. If hot water loses 300. J 


of thermal energy the cooler object that is immersed in it will absorb 300. J of thermal energy. 
The water in all cases is the surroundings and temperature changes that occur are measured in 


the water. Whatever energy was gained or lost by the water is the same energy gained or lost 
by the object (Qwat= oa 


When you conceptualize calorimetry problems, stop and ask yourself what is going on. 
Sometimes there is more than one system warming or cooling down in the same surroundings; 
in that case, you must calculate changes in q separately for each system and add the answers. 
Sometimes you have thermal equilibrium occurring between the system and surroundings. In 
all cases, remember that the first law of thermodynamics applies, and that q system = q 
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surroundings, but that the sign of each q will be different. The warmer part will give energy 
equal to the amount absorbed by the cooler part. 


6.03: Enthalpy of Phase Changes 


Learning Objectives: 


e (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

e (3.B) Communicate and apply scientific information extracted from various sources. 

e (4.A) Differentiate between physical and chemical changes and properties. 

e (4.C) Compare solids, liquids, and gases in terms of compressibility, structure, shape, and 
volume. 

e (11.A) Describe energy and its forms, including kinetic, potential, chemical, and thermal 
energies. 

e (11.D) Perform calculations involving heat, mass, temperature change, and specific heat. 


The Anatomy of a Phase Change 


Heating or cooling a substance is an example of a physical change. Phase changes are 
also classified as physical changes. Since this lesson deals with the enthalpy (or heat, under 
constant pressure) of phase changes, it is relevant to discuss what is happening on the 
submicroscopic scale. 


Physical changes all involve intermolecular forces breaking and reforming between the 
particles (atoms, ions, formula units or molecules) of the same substance. Thus, in the picture 
that follows, each dot represents a different atom, formula unit or molecule and the space 
between the dots represents some form of intermolecular force. The larger the space between 
dots, the weaker the intermolecular forces, and the greater the degree of movement 
experienced by those molecules. Thus, the formula units of solid sodium chloride are all very 
closely packed together, have strong intermolecular forces, and don’t move much. The 
molecules of a gas are very spaced out, have very weak intermolecular forces, and move a lot. 
However, they are always moving. 


Whenever you heat or cool a sample, you are increasing (heating) the kinetic energy to 
make the particles move more or decreasing (cooling) its average kinetic energy to make the 
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particles move less. While heating or cooling a sample, you are not changing the potential 
energy at all; those intermolecular forces remain at the same level of strength. 


a 
8 @1 @2 

ee; if 

e1 @> \ _ wee? " 
e3 A 2 ! J 
@3 @4 4 i e3 y at 
e4 

Solid Liquid Gas 4 


It is very important to understand that phase changes are not chemical changes. 
Chemical changes all involve old chemical bonds breaking within the reactant particles (formula 
units, if ionic, or molecules, if covalent) and new chemical bonds forming new products. In 
essence, the reactant particles are transforming into product particles. However, in a physical 
change, the particles all retain their chemical bonds - the bonds that are holding an individual 
particle together. They are not transforming into something new. If you melt solid paraffin wax, 
C,,H,,, you are not changing the covalent bonds that hold together one C,,H,,. Therefore, melting 
is a physical change, not a chemical change. You are; however, interfering with the 
intermolecular forces adhering one molecule of C,,H,, to another molecule of C,,H,,. 


What physical and chemical changes do have in common is the type of energy involved 
in these chemical bonds or intermolecular forces - potential energy. In the case of phase 
changes, the potential energy changes because those intermolecular forces are becoming 
stronger or becoming weaker. The kinetic energy of the particles undergoing the phase change 
stays the same - in other words, the temperature stays the same while the substance is 
undergoing a phase change. We say that during any phase change, like melting, both phases 
exist “in equilibrium”; melting and freezing are occurring at the exact same rate. 


So, in the process of melting, heat enters melting ice, and that heat transfers between 
particles by friction, but if both solid and liquid are present the temperature does not change. 
Their particles move with the exact same kinetic energy at the point in time when melting is 
occurring. However, the potential energy IS changing as old forces of attraction break and new 
forces of attraction form. The energy is being used to rearrange the molecules with respect to 
each other. The potential energy of liquid water is higher than the ice (due to its looser 


2 Carnot, Sadi, and Dunford, Dave. “Solid, Liquid, Gas.” File:Solid-Liquid-Gas.svg, 15 Dec. 2010, 
en.wikipedia.org/wiki/File:Solid-liquid-gas.svg. Wikimedia Commons. Public domain. 
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structure) so the melting of ice is endothermic. (Sweat evaporation is also endothermic, which 
is the reason why you feel cooler as your sweat evaporates.) 


To view particle diagrams of these phase changes, look at this simulation, accessible at 
bit.ly/ohaseshtml, under Phase Changes. This will be helpful for the practice problems. 


Heating Curves and Cooling Curves 


A heating curve is a graph that shows the temperature changes that occur as a 
substance is heated from a solid state to a gaseous state. Thus, it is a graph depicting exactly 
when changes in average kinetic energy are taking place, since these are matched to changes in 
temperature. Horizontal regions depict changes in potential energy, with no change in kinetic 
energy, and all the phase changes occurring are endothermic. (A cooling curve shows 
temperature changes occurring as a substance is cooled from a gaseous to a solid state and 
would be the exact opposite of the heating curve example on the next page.) Let’s look at the 
heating curve of water. 


Heating Curve for Water at 1.00 atm Pressure 


140 Water being heated 

130 as a gas 

120 ™ 
Vaporizing 


110 
100 


Water being heated as a liquid 


Temperature (°C) 
3 


—_— 
-20 Water being heated as a solid 


Heat Added 5 


: Auyeung, Christopher. “Figure 2.” Heating and Cooling Curves., 
heating-and-cooling-curves/lesson/Heating-and-Cooling-Curves-CHEM/. 
CK-Foundation. Licensed under CC-BY-NC 3.0: https://creativecommons.org/licenses/by-nc/3.0/legalcode. 
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By analyzing the temperature segments in a heating curve, we can calculate the total 
amount of energy absorbed to cause any change in kinetic or potential energy. Overall, this 
value will be positive, since energy (whether that was kinetic or potential) was absorbed to 
make all these changes occur. Whenever there is a temperature change (only one phase 
present) Q= mCAT can be used to calculate the amount of heat required for the given 
temperature change. The specific heat is unique to the phase of the substance present. /n 
other words, C for water can be different depending on its phase. 


For water: 
Specific heats (C), J/(g°C): Specific heats (C), J/(moles°C) 
Ice = 2.11 Ice = 37.66 
Water = 4.184 Water = 75.38 
Steam = 2.00 Steam = 36.57 


During a phase change, the temperature is a constant, so the above equation cannot be 
used. Heat for a phase change is calculated using the latent heat (AH, J/g) for that particular 
phase change. The latent heat is the amount of energy required to convert 1.0 gram of a 
substance from one phase to another phase. For phase changes, we use a slightly different 
equation, Q= mAH,. “x” can be “fus” (as in fusion) or “vap” (as in vaporization). Use H,,, for 
melting or freezing, and H,,, for vaporizing or condensing. For all other pure substances, these 
values will be given in the problem. As a final note, be aware of the melting/freezing points and 
vaporization/condensation points for your pure substance. A different formula and constant 
will apply for every segment in the heating (or cooling) curve and knowing the temperature will 
help you chunk the problem appropriately. 


For water and ice: 


Latent Heats (AH), J/g: Latent Heats (AH), kJ/mol 
Heat of fusion: 334 Heat of fusion: 6.02 
Heat of vaporization: 2260 Heat of vaporization: 40.7 


Example: How many Joules and calories does it take for 12 g of ice at -20.0°C to become water 
at 10.0°C? 


It is helpful to draw a mockup of the heating curve, being careful to note that a phase change 
(melting) occurs at O°C. Listing the relevant constants can also help. This problem, since the 
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temperature changes cross 0°C, means three separate calculations need to be done. You will 
then add up the results to get the final answer. 


10.0°C 
C for ice = 2.11 J/(g°C) 
o°c Ps AH, for ice = 334 J/g 
C for water = 4.184 J/(g°C) 


-20.0°C 


Q total = MCAT (for ice warming) + mH,,. (for ice melting) + mCAT (for water warming) 


Q cota) = (128)(2.11 J/(g°C))(20.0°C) + (12g)(334 J/g) + (12g)(4.184 J/(g°C))(10.0°C) 
tora) = 5016 J 


1 calorie 


Q tota (in calories) = 5016 J x 4184] = 1199 calories 


Note that all g values are positive for this problem, so the final q value would be positive. (For 
cooling curve type problems, the final g value will be negative.) Also, since the amount of 
matter used was measured in grams, you'd obviously use the constants with “g” built into them. 
For quantities given in moles, either use the constants with “moles” (for fusion or vaporization) 


or convert your quantity to grams first. 


6.04: Enthalpy of Reaction 


Learning Objectives 


e (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

e (3.B) Communicate and apply scientific information extracted from various sources. 

e (4.A) Differentiate between physical and chemical changes and properties. 

e (4.B) Identify extensive properties such as mass and volume and intensive properties 
such as density and melting point. 

e (8.A) Define and use the concept of a mole. 
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e (8.E) Write and balance chemical equations using the law of conservation of mass. 

e (8.G) Perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield. 

e (11.C) Classify reactions as exothermic or endothermic and represent energy changes 
that occur in chemical reactions using thermochemical equations or graphical analysis. 

e (11.D) Perform calculations involving heat, mass, temperature change, and specific heat. 


Enthalpy (of Reaction) 


In this lesson and the next few lessons, we will be using q = mCAT to determine and 
calculate the energy released or absorbed during physical and chemical changes. We assume 
that the change is measured under a constant (unchanging) external pressure for the entire 
length of the change. 


For example, if we want to know the energy of a burning piece of food, the food burns 
for the entire time in a classroom, and not suddenly taken to the top of a mountain while it is 
burning. The chemicals undergoing change are the system, and everything else around them is 
the surroundings. The enthalpy (symbol H) of this system is the total heat content of the 
system at constant pressure, which includes the internal energy (the kinetic and potential 
energy of the particles) and the work that is done on or by the system. For example, the gases 
produced by a combustion reaction expand and could potentially be used to do something 
useful. We will use the terms enthalpy and q (heat) interchangeably. 


The enthalpy of reaction (or reaction enthalpy) is the enthalpy of a chemical change at 
constant pressure. You have already learned one way of calculating enthalpy, and that is by 
direct experimentation: using calorimetry and then calculating the heat using q = mCAT. We 
can also use reference values (measured in J/g, kJ/g, or more commonly, kJ/mole reaction) and 
then use dimensional analysis to determine the enthalpy of a specific change involving a specific 
mass or number of moles of reactant used. These reference values, which are intensive 
properties, are always measured in a laboratory under standard conditions. Standard 
conditions are 25°C and 1 atm of pressure. (Note, however, that the enthalpy for a specific 
change would be an extensive property, since it does depend on mass or number of moles.) 


To express and use relevant information quickly, we write and manipulate 
thermochemical equations. A thermochemical equation is a balanced chemical equation with a 
AH?*,,, Value off to the right. Here is an example, the synthesis of silicon dioxide (don’t worry 
about the tiny ; for now): 
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Si (.) + O2 «g) > SIO2 5) AH; = - 910.7 kJ/mol reaction 
This means that for two moles of Si ,,. burning in two moles of O, |, we ought to get: 
2 Si () + 2 O2 @ — 2 SIO) ,,) AH; = - 1821.4 kJ 


Multiply all the coefficients in the balanced equation by the relevant factor (two, in this case). 
We do not put “mol reaction” in the new unit because that new enthalpy value is true for two 
moles of burning Si, not per mole of Si. 


Now, if you reverse a thermochemical equation — that is, if you want to describe the 
decomposition of one mole of SiO, |, the sign of AH reverses. 


SiO} (.) — Si i.) + Oo (g) AH; = + 910.7 kJ/mol reaction 


Now let’s look at some of the symbols. Since there are many types of reactions, you will 
often see this referenced in the name. Consult the following chart for a helpful guide. (There 
are other types that exist, of course; just concern yourself with these.) 


“comb” (as in AH.omp) Enthalpy of combustion per mole reaction 


“f” (as in AH,) Enthalpy of formation per mole reaction 


Formation is the synthesis of one mole of compound from 
its elements under standard conditions. 

Formation equations are the only equations where it is 
permitted to use fractions as coefficients. 


“soln” (as in AH cin) Enthalpy of solution per mole reaction 


e@ (Dis)solution is the dissolving of a solid in solvent (usually 


water). 


“rxn” (as in AH,,,) Enthalpy of reaction per mole reaction 
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e “rxn” is a general term that could be used in place of “comb” 
or bi dd 


“°” (as in AH) The enthalpy was measured under standard conditions. 


Calculating Enthalpy of Reaction using Thermochemical Stoichiometry 


To calculate the enthalpy of a specific process using a specific mass or number of moles 
of substance, we can use the following formula. Multiply the number of moles, n, by the AH’,,, 
given in the problem (in units of kJ/mol reaction), and you will get the enthalpy for that specific 
change. 


q, = AH =n X AH’, 


Simple Example: Use the following thermochemical equation to calculate AH,,,, for the 
combustion of 3.0 moles of silicon. 


Si () + Op ig) — SIO2(.) AH;= - 910.7 kJ/mol reaction 
Answer: AH, = 3.0 moles Six 2 = - 2700k! 
mole Si 


Slightly Harder Example: Use the same thermochemical equation to calculate AH,,,, for the 
decomposition of 6.0 moles of SiO, (,, (This is a reversal of the original equation!) 


+ 910.7 kJ 


1 mole SiO, = +5500 k) 


Answer: AH,,, = 6.0 moles SiO, x 


rn 


Of course, not all quantities will be given in moles. For conversion factors involving more than 
one mole of chemical, you must denote the coefficient of that chemical from the equation. 
That’s why it’s very important for the thermochemical equation to be balanced. 


Harder Example: Use the following thermochemical equation to calculate AH°.,,, for the 
production of 80.00 g of water vapor. 


C3Hg ig) + 5 O> ig) — 3 CO} (gy + 4 H,O AH* comb = - 2220.1 kJ/mol reaction 


51 


1 mole H20 — 2220.1 kJ 
Answer: 80.00 g HO x ———_—_———__ X —————— = - 2465 kJ 
18.015 g H20 4 moles HzO 


Still Harder Example: Use the same thermochemical equation (from the previous example) to 
calculate AH’,,,, for the production of 40.00 g of O; (4) 


1moleO, — +.22201 kf 


Answer: 40.00 g O5 ig) x 3199890, 0, 5 moles 0, 


= +555.0kJ 


Always check thermochemical equations to see if they are balanced! 
Calculating Enthalpy of Reaction using Calorimetry 


In previous calorimetry problems, you have concerned yourself with warmer objects 
transferring heat to cooler objects. The principle still holds true for chemical reactions. We will 
use q, = MCAT to calculate the energy absorbed or released in the calorimeter. Since the first 
law of thermodynamics always holds, that will be equal to the q, of the reaction itself. We 
always give AH®,,,, in terms of kJ/mol reaction, so there will be an extra step at the end to 
determine the number of moles of limiting reactant. Look at the following example as a guide. 


Example: Magnesium metal reacts with hydrochloric acid according to this balanced equation — 
Mg (s) +2 HCl (aq) —_= MeCl, (aq) + H, (g) 


To determine the standard enthalpy for this reaction, you combine 0.158 g of Mg metal with 
enough HCI to make 100.0 mL of solution in a coffee-cup calorimeter. The temperature of the 
resulting solution rises from 25.6°C to 32.8°C. 


Determine AH’,,,, for this reaction as written. Assume the specific heat and density of the 
solution is the same as for water. 


Answer: 

AH’,,, is in terms of q, divided by the number of moles by limiting reactant (Mg in this case), so 
we need to determine q, first. This is the amount of heat absorbed by the solution as the 
chemical reaction (Mg with HCl) takes place. 
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q, of the solution = mCAT = (100.0 g) (4.184 J/(g-°C)) (32.8°C — 25.6°C) = 3012.48 J 
(The 100.0 mL of solution is a tota/ and includes the reacted Mg.) 


q, of the solution = - (q, of the reaction), so q, of the reaction = - 3012.48 J = - 3.01248 kJ 


1 mole Mg 


# of moles of Mg = 0.158 g Mg x 24.305 g Mg 


= 0.006501 moles Mg 


— 3.01248 kJ 


Therefore, AH" n= So96501 moles Mg 


= - 463.387 = -460 kJ/mol reaction 


The number of sig figs are determined by the data given in the problem, but do not round off 
too early or you will reduce your accuracy. Be very careful of wording. Use the total mass, the 
mass of all the reactants added together, to help calculate q,. 


Calculating Enthalpy of Solution using Calorimetry 
When dissolving a solid in a liquid solvent, heat (in this case enthalpy) can either be released 


(exothermic) or absorbed (endothermic). The process by which a solid is dissolved can be 
viewed as a multi-step process as illustrated below: 


Expanded solvent 


Expanded solute 


Direct 
formation 
of solution 


Step 3 


® CFCF. “CNX Chem 11 01 solusolv.png.” OpenStax,, via Wikimedia Commons under CC-BY-NC 4.0: 
https://creativecommons.org/licenses/by-nc/4.0/legalcode. 
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Solvation is a three-step process. The solute and solvent have to form a cohesive 
solution, with the solute well dispersed throughout the solvent, so energy changes will have to 
occur in order to make this happen. 


a) Solute particles have to separate. Forces between solute particles must break. 
Breaking any force or bond requires an input of energy, so this first step is 
endothermic. 


b) Solvent particles separate. Solvent particles must move away from each other. As in 
step a), the forces holding the solvent particles have to break, so this second step is 
endothermic. 


c) Solute and solvent particles form new forces — as the solvent surrounds and 
disperses the solute. Forming new intermolecular forces is exothermic. 


Where Step 1 is the energy required to break the forces in the solute particles, Step 2 is the 
energy required to spread out the solvent particles, and Step 3 is the energy required to form 
new forces between the solute and solvent particles. Since Enthalpy is a state function we are 
only concerned with the final resulting energy that is either released or absorbed. 


Example: What is the heat of solution when 5.0 g of Na,CO, ¢ 10H,0O is dissolved ina 
calorimeter with 100 mL of water and the temperature cools from 25.0 °C to 19.0 °C? 


Na,CO3 ® 10H,0 j) + HO jag > 2 Na jag + 2 CO3? faq) + 11 H:O faq) 


Determine AH’,,),,, (AH®,,,) for this reaction as written. Assume the specific heat and density of 
the solution is the same as for water. 


Answer: 

AH’..in is in terms of q, divided by the number of moles of Na,CO; ¢ 10H,0O, so we need to 
determine q, first. This is the amount of heat absorbed by the solution as Na,CO; * 10H,O 
dissolves in the water. In this case, the calorimeter will get colder. 


q, of the solution = mCAT = (100.0 g + 5.0 g) (4.184 J/(g-°C)) (19.0°C — 25.0°C) = -2635.92 J 
(The 100.0 mL of water is not a total and does not include the weight of the reactant.) 


q, of the solution (calorimetry, surroundings) = - (q, of the dissolving, i.e. system), so q, of the 
dissolving = 2635.92 J = 2.63592 kJ (endothermic!) 
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# of moles of Na,CO,; ¢ 10H,O = 


1 mole Na2C03 ¢ 10H20 


5.0 g Na,CO; * 10H,0 x 286.138 g Na2CO3 ° 10H20 


= 0.017474 moles Na,CO, ¢ 10H,0 


2.63592 kJ 


Therefore, AH soln = 0.017474 moles Na2CO3 « 10H20 


= 150.847 = 150 kJ/mol Na,CO; ¢ 10 H,O 


2.63592 kJ 


aD NGCOdS INO = Oo kJ/g or 530 J/g 


In some AH’,,,,, calculation the AH’,,,, is given in kJ/g = 


The number of sig figs are determined by the data given in the problem, but do not round off 
too early or you will reduce your accuracy. Be very careful of wording. Use the total mass, the 
mass of all the reactants added together, to help calculate q,. 


6.06: Hess’ Law 


Learning Objectives: 
e (2.G) Express and manipulate chemical quantities using scientific conventions and 


mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

(3.B) Communicate and apply scientific information extracted from various sources. 
(11.C) Classify reactions as exothermic or endothermic and represent energy changes 
that occur in chemical reactions using thermochemical equations or graphical analysis. 


State Functions 


The enthalpy of a chemical reaction is an extensive property of that reaction, since it 
depends on the amount of matter (mass, or moles). As you have already seen, it can be 
determined experimentally using calorimetry data or it can be calculated using a reference 
value (the standard enthalpy of reaction) and thermochemical stoichiometry. Therefore, the 
enthalpy for a change can be determined using different, equally valid, methods. A state 
function is any property whose value does not depend on the path or method used to figure 
out that value, if it is done correctly, of course, and enthalpy is one of these. 
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As an analogy, consider the geographical location of LASA. From your home there are 
many different routes you can take to get to school, including impractical routes or routes 
where you stop at other locations along the way (bus stops, coffee shops, grocery stores, etc.). 
However, the geographical location of LASA remains the same. What matters is that you get 
there - not the route you take to get there, so the geographical location of LASA is a state 
function. Let’s look at yet another way we can calculate the enthalpy of a reaction - by using a 
statement called Hess’ Law. 


Hess’ Law 


Hess’s Law is a practical application of the transitive law in math. According to the 
transitive law, if A= Band B=C, then A=C. We see every chemical reaction not as a one-step 
process but a multi-step process where each step has an assigned enthalpy of its own. We 
combine the steps to form the overall chemical equation and combine the enthalpies of all the 
steps in specific ways. 

For example, carbon monoxide can be converted to carbon dioxide by combustion with 
excess oxygen. Let’s say the problem is to determine the AH’,,,, for that change. 


CO (g) + 2 O (g) > CO} (g) AH? an = ? equation (1) 


The overall heat of this reaction can be calculated by looking at the individual heats of reaction 
for the formation of 1 mole of carbon monoxide and carbon dioxide. 


C (s) + % O, (g) => CO (g) AH’... =- 111 kJ equation (2) 
Cc (s) + O, (g) = co, (g) AH? en =- 394 kJ equation (3) 

If the equations 2 and 3 are manipulated, meaning multiplied by a coefficient or 
reversed (rewritten backwards), the overall reaction can be obtained by adding those 
manipulated equations and enthalpies together. Species on the same side of the arrow add 
together. 


CO «) > Cy + 2 Od ig) AH? ,, = +111 kJ equation (2) reverse 


- C is) + O2 ig) > COD g) AH? yn = - 394 KI equation (3) 


co (g) +C (s) + O> ¢) —C (s) + % O, (g) + co, (g) AH? en =+111 kJ + (-394 kJ) 
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Species occurring on both sides of the arrow cancel and can be “crossed out.” They can 
either completely cancel or partly cancel if the state of that species is the same. (For example, 
liquid H,O and gaseous H,O wouldn’t cancel.) If species partly cancel, you will have some of 
that species leftover on one side. 


CO ig) + Ep + Pate) > Ejay + AO ais + CO, () AH’, = +111 kJ + (-394 kJ) 


1 
+% 0, (g) 
You should obtain a final chemical equation that is identical to the 
chemical equation first given in the problem. If it is not identical, you have 
made a mistake, and you can go back in your work to find and correct it. 


CO (g) + % Op ig) > CO} (2) AH’,,,, = - 283 kJ (answer) 


Be aware that you can multiply an equation by a coefficient and write it backwards at 
the same time. You can also use fractions as a factor to multiply equations and enthalpies, or (if 
you prefer) divide by a factor instead. Just remember to apply whatever you did to the equation 
also to the enthalpy that is attached to it. 


Follow the steps below to solve any Hess’s Law problem. 


1. (Optional) Put a square around the substances that should be reactants. Circle 
everything that should be products. 

2. Manipulate equations if necessary to cancel out terms on opposite sides and ensure 
reactants are reactants and products are products. 

3. Rewrite the manipulated equations and their enthalpies to reflect what you did to each 
step. 

4. Sum up the individual steps to form the overall chemical equation and the enthalpies to 
determine the overall enthalpy of reaction. 


6.07: Enthalpy of Formation and Energy Diagrams 


Learning Objectives: 
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(2.E) Plan and implement investigative procedures. 

(2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

(3.B) Communicate and apply scientific information extracted from various sources. 
(11.C) Classify reactions as exothermic or endothermic and represent energy changes 
that occur in chemical reactions using thermochemical equations or graphical analysis. 


Enthalpy of Formation 


Enthalpy is defined as energy at constant pressure and that it is a state function, 
meaning that there are multiple, equally valid, ways to determine the enthalpy of a reaction. 
We have already seen that enthalpy can be experimentally determined through calorimetry, 
determined by using heats of reaction and dimensional analysis, and determined by using Hess’ 
Law. 


Another way to determine the enthalpy of a reaction (AH,,,,) is by using standard 
enthalpies of formation for each reactant or product in a chemical reaction. Remember from a 
previous lesson that the standard enthalpy of formation is the energy involved when one mole 
of a compound is formed from elements under standard conditions. If you have access to a 
standard enthalpies of formation chart or reference, the enthalpy of a reaction can be 
calculated using the following formula *if* the overall chemical equation is balanced: 


AH, .action — Zn H; products Zn H; reactants 


If the calculated enthalpy is negative in sign, the process is exothermic, and if it is 
positive, it is endothermic. It is important to take the coefficients (“n”) into account because 
the enthalpy, being an extensive physical property, is always dependent on the mass, or number 
of moles, or a substance. (The more moles, or the greater the mass, the greater the enthalpy.) 
We will give you all standard enthalpies of formation for compounds. There is no need to 
memorize those. 


For any element in its standard state, the standard enthalpy of formation is 0 kJ/mol. 
This is because formation specifically refers to the production of one mole of compound, not 
one mole of element. You are expected to remember this, as standard enthalpy of formation 
tables do not usually include elements in their listings. For example, the AH,° value for O, ,)is 0. 
That is because oxygen in its standard state (25°C, 1 atm) is gaseous. If it helps, think of 
standard state as your classroom. However, the AH,° for O, ;) would be some non-zero value. 
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Example: Solve for the standard enthalpy of reaction for: C3Hg ig) + 5 Oz (g, > 3 CO) ig, + 4 H20 11 


given the following standard enthalpies of formation: 


Answer: AH? ., = (sum of AH°, of products) — (sum of AH°, of reactants) 


AH®,., = [(3 mol CO,)(-393.5 kJ/mol) + (4 mol H,O)(-285.8 kJ/mol)] —[(1 mol C3H,)(-103.85 
kJ/mol)] 
= - 2219.8 kJ 


Notice two things: the unit of the answer is just kJ, because all the “mol” terms cancel 
out, and that the AH®; for O, ,,, was not given in the chart. That is because it was an element in 


its standard state, and you are expected to know, without reminding, that it would be 0. 
Collision Theory Review 


Chemical kinetics is the study of reaction rates. Scientists are very interested in kinetics 
as a whole because this field has a lot of real-life applications. Companies want to be able to 
synthesize products as quickly as possible, without sacrificing yield. Your body needs to break 
down food and process those chemical bonds for energy as quickly as possible. 


On a submicroscopic (particle) scale, a successful chemical reaction requires an effective 
collision between reactant particles. That is, the collision must occur in the right places on the 
molecules (we say: “they must have the correct orientation”) and there must be sufficient 
energy available to start the reaction (we say: “they have sufficient activation energy”). Since 
particles are always moving, the type of energy available is kinetic energy, and since this energy 
must already be present, the process of breaking chemical bonds (in the reactants) is always 
endothermic. Forming new chemical bonds (for the products) is always exothermic. Depending 
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on the overall difference between these two processes, the enthalpy of reaction could be either 
endothermic or exothermic. 


Making reactions go faster is a (relatively) simple process. For most reactions, increasing 
the temperature, increasing the surface area of reactants, increasing the reactant 
concentration, and/or adding a catalyst will increase (speed up) the rate of reaction. A catalyst 
is any nonreacting, reusable species that speeds up a reaction rate. Typically, a catalyst provides 
a “landing pad” for reactant molecules to find each other and arrange each other correctly prior 
to a successful collision. Enzymes are biological protein catalysts. Without enzymes, food 
digestion would not proceed fast enough for life. 


A 
REACTANTS o MOLECULES 
MOVING TOO ~~ a @ —_> BOUNCE 
SLOWLY (NO REACTION) 
v 


A 
° MOLECULES 


REACTANTS 

NOT FACING > + cc) —> BOUNCE 

RIGHT WAY (NO REACTION) 
4 


REACTANTS 


ENERGETIC 

CHEMICAL 
 G--e0> @+co 
ORIENTATED alan 


CORRECTLY 


Energy Diagrams 


Yet another way to understand enthalpy changes in a chemical reaction is by means of 
an energy diagram. An energy diagram is a graph of potential energy versus the “reaction 
co-ordinate” or “reaction progression”, which you can take to mean the progress of a reaction 
from beginning — near (0,0) on the graph — to end. In short, the potential energy steadily 
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increases as the reactant particles approach each other, breaking their old chemical bonds (this 
is the activation energy) then, just after the reactant particles collide, the new chemical bonds 
form, and the potential energy drops as the products are made. If the reactants collide with 
sufficient energy and in the correct orientation, a reaction will occur. 


Here is a typical energy diagram for an exothermic reaction, A+B [/ C. 


Exothermic 


Energy 


Heat Out 


Reaction Progression 7 


The energy of the transition state is located at the very top, or maximum, of the 
diagram. The transition state (or activated complex) is a very unstable high energy 
conglomerate of reactant particles that are just about to form a stable product. Finally, the 
difference between the potential energy of C and the potential energy of both A and B is the 
enthalpy of reaction, AH°,,,. Catalysts do not ever change the value of AH”,,,; all they do is 
provide a shortcut for the reaction, starting with the same reactants and ending with the same 
products. They do lower the activation energy (or E,), so on any energy diagram, the catalyzed 
version of the diagram will have a lower “hill” but all other points remain the same. 


: Brazosport, College. “File:Exothermic Reaction.png.” File:Exothermic Reaction.png, Wikimedia Commons, 15 Aug. 
2011, commons.wikimedia.org/wiki/File:Exothermic_Reaction.png. Licensed under CC BY-SA 3.0: 
https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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The energy diagram for a typical endothermic reaction is just as what you’d expect: 


Endothermic 


Energy 


Heat Input 


Reaction Progression g 


You can still determine the enthalpy of reaction from an energy diagram by applying the 
formula AHyeaction = ZOH¢ products — LOHg peactantsy EXCept that you do not have to multiply the 
number of moles from the balanced chemical equation. Simply subtract “products - reactants” 
based on those y-values from the energy diagram. Before you embark on practice problems, 
know that chemical reactions can be reversible, meaning that products can “go backward” and 
form reactants: this is called a reverse reaction, whereas a chemical equation that goes as 
written from left to right is a forward reaction. The energy diagram for a “reverse reaction” will 
be the mirror image of the energy diagram for the forward reaction. 


i Brazosport, College. “File:Endothermic Reaction.png.” File:Endothermic Reaction.png, Wikimedia Commons, 15 
Aug. 2011, commons.wikimedia.org/wiki/File:Endothermic_Reaction.png. Licensed under CC BY-SA 3.0: 
https://creativecommons.org/licenses/by-sa/3.0/legalcode. 
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Unit 7: Gases 


**EVERYTHING IS SUBJECT TO CHANGE ** 


Description 


Kinetic Molecular Theory and the Gas Law Variables 


The Gas Laws: Avogadro, Boyle, Charles, Gay-Lussac, Combined 
The Gas Laws: Graham’s Law 


7.01: Kinetic Molecular Theory (KMT) and Gas Law Variables 


Learning Objectives: 


e (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and 
significant figures. 

(8.A) define and use the concept of a mole 
(8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro's number 

e (9.A) describe and calculate the relations between volume, pressure, number of moles, 
and temperature for an ideal gas as described by Boyle's law, Charles' law, Avogadro's 
law, Dalton's law of partial pressure, and the ideal gas law. 

e (9.B) describe the postulates of kinetic molecular theory. 


The Kinetic Molecular Theory of Gases (KMT) 


The gas state is one of the three states of matter that is commonly observed under 
“normal” classroom conditions. Gases have three characteristic properties: 


1) They are easy to compress (compared to solids and liquids, which are not) 

2) They expand to fill their containers and exert pressure (compared to solids and liquids, 
which do not) 

3) They occupy far more volume than the liquids or solids from which they form. 
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These properties have been experimentally observed, and the kinetic molecular theory 
(KMT) was derived from these observations. There are four postulates, or assumptions, listed 
here to help us understand why gas particles (atoms or molecules) act the way they do and thus 
explain the characteristic properties of gases. 


Before we go on to explain the postulates of KMT, you must know that KMT defines the 
parameters of an ideal gas. An ideal gas is a gas whose particles are “point masses” (have 
insignificant mass and particle volume), have no forces (of attraction or repulsion) between 
them, and have only elastic collisions with each other. An elastic collision is any collision where 
energy is conserved, meaning that when two particles collide, or when a particle collides with 
the container wall, the particle(s) spring apart with the same energy that they individually had 
before the collision. 


We specify that the gases are ideal just because it’s easier to understand gas behavior in 
the KMT without considering the added complications of what happens when the gas particles 
are large in volume, if they react with each other as they collide, or when they have inelastic 
collisions. 


Here are the postulates of the KMT: An ideal gas — 


1. ... has particles moving in constant, random, straight-line motion until they collide with 
something — usually each other, or the container walls. 


All these collisions are perfectly elastic, so their path gets changed, but they still have 
the same energy as they did before the collision. (This helps explain property (2) since 
gas pressure must be due to the constant force of the colliding gas particles on the 
container walls.) 


2. ... has particles that are so small compared with the distances between them that the 
mass and volume of individual particles is negligible (practically zero). (This explains 
property (1), because the huge amounts of space between particles means you can 
easily push the particles closer together.) 


3. ... has particles that exert no forces on each other; they do not attract or repel each 
other. (This explains properties (2 and (3)), since this means gas particles will exist far 
apart from each other and thus have a large volume compared to the volumes of the 
individual particles.) 
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4. ... has an average kinetic energy (KE = 3/2 RT) directly proportional to the Kelvin 
temperature of the gas. (Ris a constant.) The motion of gas particles is due to thermal 
energy; therefore, an increase in temperature increases the speed in which the gas 
molecules move. All gases at a given temperature have the same average kinetic 
energy. Individual gas molecules have different speeds. 


The Gas Law Variables 


Pressure (P) 


Gas pressure is defined as the force that results from the collisions of gas particles 
divided by the area of the surface with which they collide. 


force 
area 


Pressure = = 
A 
When pressure is constant, force and area are proportional; therefore, if the force 
increases, the area also increases by the same factor, and vice versa, to maintain that same 
pressure. Pressure and force are related in the same way. However, pressure and area are 
inversely related; so, increasing the area would decrease the pressure and vice versa. A small 
area must have a huge amount of force in order to maintain a high gas pressure. (By the way, 
you do not have to do any calculations involving pressure, force, and area.) 
° This device on the left is an example of a 
manometer, which were the first devices 


ot used to measure pressure. The liquid inside 
Pint. the manometer is mercury, used because of 
4m its high density and low vapor pressure (i.e., 

a !2cm the mercury won’t evaporate as easily as 


water). In this manometer, the pressure 

inside the compartment (p,,,) is higher than 

the pressure outside, open to the 
atmosphere (p.:,,)- 


Gas pressure has been studied for centuries, so there are many units for gas pressure 
still being used today. The SI unit for pressure is the pascal (Pa), but it is not commonly used in 
chemistry. Here are the other gas pressure units; we expect you to be familiar with all of them. 


° Claynen, Olivier. “A Fluid Tube Manometer.svg.” File:A Fluid Tube Manometer.svg, Wikimedia Commons, Feb. 
2015, commons.wikimedia.org/wiki/File:A_fluid_tube_manometer.svg. Licensed under CCO 1.0 Public Domain. 
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Other Units of Pressure Unit 

atmosphere = atm 

kilopascals = kPa 
millimeters mercury (Hg) = mmHg 


torr = torr 


You must also be able to convert between the different types of pressure units. Here are 
the conversion factors: 


1 = 101.325 = 760 = 101325Pa = 760 Torr 
atm kPa mmHg =14.7 
Ibs/in* 


Converting between the various pressure factors is a matter of using dimensional analysis. 


Example: Convert 200. kPa to torr. 


760 torr 


Tq EEE DRT = 3 
701325 kPa = 1900 kPa = 1.50 x 10° kPa 


Answer: 200. kPa x 


Standard pressure is defined as 1 atm, which is about the same pressure that commonly 
exists in laboratories and classrooms. As with everything else in science, we need to define 
common standards to measure other quantities up against them. 


Temperature (T) 


Temperature is a measure of the average kinetic energy of the atoms or molecules that 
compose a sample of matter (in this case, of gases). We say it is an average because in any 
sample of pure gas, individual gas particles will be moving slower or faster than most of the 
particles in the same sample. Think of average kinetic energy as the “fuel” or “food” used by 
gas particles in order to move around. A gas with a high average kinetic energy has molecules 
that are moving relatively quickly. 


All gases at the same temperature have the same average kinetic energy. If you have 
two samples of O, |, at different temperatures, the sample with the higher temperature has 
molecules that are moving faster. Average kinetic energy does influence speed somewhat. 
However, heavier gases (i.e., those with larger molar masses) have larger molecules, so their 
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speed will be slower. Lighter gases will have faster speeds. Thus, He () at 25°C and CO, () at 
25°C will have the same average kinetic energy, but the He ,,, atoms will be moving faster than 
the CO, ,,, molecules. This observation will be explored in more depth later in the unit. 


The value used to represent gas temperature depends on the scale being used. There 
are 3 scales: Fahrenheit, Celsius, and Kelvin. We will use Celsius and Kelvin, primarily. The 
Kelvin scale is the most useful of these scales in chemistry because it is the only scale that 
directly measures temperature as average kinetic energy. (The other two scales are more 
arbitrary in nature.) 


Zero (0 K) on the Kelvin scale is called absolute zero and is theoretically the lowest 
possible temperature; at this temperature the kinetic energy is zero, meaning that all particles 
stop moving when at this temperature. However, since very few thermometers record Kelvin, 
we must do a conversion from Celsius to Kelvin to use these temperatures in problem solving. 


The Celsius to Kelvin temperature conversion formula is: T,=T.+273 


Example: 100°C = K 
T, = 100°C + 273 
T, = 373 K 


Standard temperature is defined as 273 K. In problems we commonly combine standard 
temperature and standard pressure into one statement known as standard temperature and 
pressure, or STP: 1 atm of pressure and 273 Kelvin. Room temperature is defined as 25 °C or 
298 K. 


Volume (V) 


Volume is defined as the amount of space the gas takes up. Remember that most of the 
volume in a gas sample consists of purely empty space, because ideal gas particles are 
incredibly tiny, and almost zero in mass. This is why gases are so easily compressible. Gas is 
also the one phase of matter that does not have a definite volume and fills up its containers 
completely. 


The SI unit of volume is the cubic meter (m?) but it is not commonly used in North 
America. Here are other volume units, although the liter (L) and milliliter (mL) will be the one 
we use the most. 
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Units of Volume Unit 
centimeter cubed = cm? 
liter = L 
milliliter = mL 
meter cubed = m? 


The one volume conversion you will probably do the most is the one between milliliters 
and liters. Consult the SI metric conversions if you need to. Standard volume is equal to 1 L. 


From this point forward you will see many references to STP. STP stands for standard 
temperature and pressure, and it is a “shortcut” expression for conditions of 0°C and 1 atm. 
STP for gases is not the same as STP in thermochemistry. You are expected to know what STP 
conditions are, without reminding. Room temperature is defined as 25 ° C or 298 K. 


Moles (n) 


The mole, as we hope you recall, is a counting unit used to describe a certain number of 
gas particles. Remember that 1 mole = 6.022 x 10”* representative particles. Avogadro 
discovered that 1 mole of any ideal gas (provided it is at STP) has exactly 6.022 x 10” particles 
and occupies 22.4 L of volume, thus 1 mole occupies 22.4 Lat STP. This relationship is called the 
molar volume of a gas. Note that the identity of the gas doesn’t matter, because we are 
assuming (KMT again...) that all gas particles have the same negligible mass and volume. 1 
mole of He ,,. and 1 mole of CO, |), both at STP, are each 22.4 L in volume. 
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The Mole Map for Gases 


Find out the quantity the problem is giving you to start with and follow the arrows. If 


you must go in the reverse direction of the arrows, do the opposite operation. Convert 


between moles and mass by using molar mass as a conversion factor. 


# atoms or ions of ——=> # molecules or 


an element ina formula units of a 
compound Divide by subscript in 
chemical formula 


compound 


Divide by Avogadro’s 
number 
# atoms or ions of Divide by Avogadro's # moles If at STP, multiply 
—) clears molar volume 


an element 


Example: How many He 4) atoms are in 25.0 L of He |, at STP? 


23 
1 mole H 6.022 x10 atoms He 
25.0 L of He (g) See ~~ denobHe 7 ol2% 1073 He atoms 


Volume at 
STP 


Example: What is the volume at STP for a CO, (, sample containing 4.75 x 10°” oxygen atoms? 


1 CO. molecule 1 mole CO, 


22.4 L 
4.75 x 10” O atoms x ————_—— xX ————_,, —— k ————= 0.884 


20 atoms 


6.022 x 10°° CO 1mole CO, — 


2 molecules 
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7.02: Gas Laws: Avogadro, Boyle, Charles, Gay-Lussac, and Combined Gas Law 


Learning Objectives: 
e@ (2.G) express and manipulate chemical quantities using scientific conventions and 


mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures 

e (2.H) organize, analyze, evaluate, make inferences, and predict trends from data 

e (8.A) define and use the concept of a mole 

e (8.B) calculate the number of atoms or molecules in a sample of material using Avogadro's 
number 

e (9.A) describe and calculate the relations between volume, pressure, number of moles, and 
temperature for an ideal gas as described by Boyle's law, Charles' law, Avogadro's law, 
Dalton's law of partial pressure, and the ideal gas law 

e (9.B) describe the postulates of kinetic molecular theory 


In this lesson we will describe and quantify the relationships between two or more 
changing gas variables where at least one other variable will remain constant. You are changing 
volume, or changing pressure, or changing temperature, or changing the number of moles; 
whatever variable you are personally changing is the independent variable. Some other 
variable or variables will be changing in response; that will be the dependent variable. 


Before you keep reading, please remember (again) that all gases are assumed to be 
acting ideally, and thus the kinetic molecular theory applies. Also, in all the formulas that 
follow, “1” stands for conditions before the change, and “2” stands for after the change. You are 
also expected to be fully comfortable with mass, mole, particle, and volume (at STP) 
conversions. 


Avogadro’s Law: The Volume-Mole of a Gas Relationship 


For a gas at constant temperature and pressure, the volume is directly proportional to 
the number of moles of gas, and vice versa. Lots of moles of a gas will occupy a large volume. 
The ideal gas particles are negligible in volume, but the more gas particles there are, the more 
space will exist between them. Also, remember that the space between gas particles is massive 
compared to the size of the gas particles themselves. 


Ve WV 
Formula: erence 
1 2 
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Calculation Example: 


An athlete has a lung volume of 6.15 L during deep inhalation. At this volume, his lungs contain 
0.254 moles of air. During exhalation, his lung volume decreases to 2.55 L. How many moles of 
gas did the athlete exhale? 


Nz = (V2 x n)/(V,) 
= (2.55 Lx 0.254 mol)/(6.15 L) 
= 0.105 mol 
So, moles exhaled = 0.254 mol - 0.105 mol = 0.149 mol 


Boyle’s Law: The Pressure — Volume Relationship 


The first person to investigate the relationship between the pressure of a gas and its 
volume was the British chemist Robert Boyle (1627 — 1691). For a gas at constant temperature 
and in a sealed container (i.e., the number of moles is constant), the pressure is indirectly 
proportional to the volume. That is: as the volume increases, the pressure decreases, and vice 
versa. If you decrease the volume of a gas, you are decreasing the amount of space between 
them, but this also means the gas particles will be striking the container walls with a greater 
amount of force, which in turn increases the pressure. However, the container does have to be 
flexible (like in a balloon) since the volume will be undergoing changes. 


Be aware that your pressure units must match. If you use a pressure value in mmHg, for 
example, and you are solving for another pressure, your answer will automatically come out in 
mmHg. Ifa different pressure unit is desired, you must convert it. A similar situation exists for 
volume. (This is true for all the gas laws.) 


Formula: P,V,=P.V, 
Calculation Example: 
The gas in a balloon has a volume of 4 L when it is at 100 kPa of pressure. The balloon is 
released into the atmosphere, where it expands to a volume of 8 L. What is the new pressure 
on the balloon? 
P, = P,V,/V, 


= (100 kPa x 4 L)/(8 L) 
= 50 kPa (one sig fig) 
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Charles’ Law: The Temperature — Volume Relationship 


Jacques Charles (1746-1823) was the scientist who developed the law that relates gas 
temperature to its volume. For a gas at constant pressure in a sealed container (i.e., number of 
moles is constant), the volume is directly proportional to the temperature and vice versa. As 
the average kinetic energy of the gas particles increases, the space between the gas particles 
increases, since the gas particles are moving more. The gas particles are NOT increasing or 
decreasing in size. Remember ALL temperature in gas law problems must be converted to 
Kelvin! By the way, it is convention to use the same temperature units throughout, so if you’re 
given a Celsius temperature to start with, and you’re solving for a second temperature, give 
your final answer in Celsius after determining the temperature in Kelvin. 


Vi V, 


Formula: a = 7 


Calculation Example: 


Gas in a balloon occupies 2.50 L at 300. K. At what temperature will the balloon expand to 7.50 
liters if the balloon is under constant pressure? 


T, =V,xT,/V; 
= (7.50 L/300. K)/(2.50 L) 
= 900. K (or, in other words: if the temperature triples, the volume triples) 


Gay-Lussac’s Law: The Temperature — Pressure Relationship 


Joseph Gay-Lussac explored the relationship between the temperature of a gas and its 
pressure. For a gas at constant volume, the temperature is directly proportional to the pressure 
and vice versa. As the average kinetic energy of the gas particles increases, they strike the 
container walls with greater force if the surface area of the walls (i.e., the volume) remains 
constant. Remember ALL temperature in gas law problems must be in Kelvin! 


i ee 
Tr, r, 


Formula: 
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Calculation Example: 


The pressure of a gas in a tank is 4.20 atm at 44°C. If the temperature rises to 67°C, what will be 
the gas pressure in the tank in mmHg? 


T,  =273 444°C P, = = P,T,/T, 

= 317K = (4.20 atm x 340 K)/(317 K) 
Tx = 273 + 67°C = 4.5047 atm 

= 340 K 
Convert your answer to mmHg: 4.5047 atm x ame = 3400 mmHg 


Combined Gas Law 


There are times when temperature, volume, number of moles and pressure are all 
affected when the conditions of a gas change. In these instances, we must combine Avogadro’s 
Law, Boyle’s Law, Charles’ Law, and Gay-Lussac’s Law into what is known as the Combined Gas 
Law. In other words, use this law when more than one gas variable is changing. 


If a gas variable from the Combined Gas Law problem is indeed constant, omit it from 
the formula that follows. You can also use the Combined Gas Law formula to solve any of the 
previous gas law problems if you physically cover up the constant variable(s) with your hand or 
fingers; then, use the formula that remains to solve your problem. Remember ALL temperature 
in gas law problems must be in Kelvin! 


Formula: 


Calculation Example: 


A gas balloon has a volume of 106.0 liters when the temperature is 45.0 °C and the pressure is 
740.0 mmHg. What will its volume be at 20.0 °C and 780 .0 mmHg pressure? 


T, =273+45.0°CV, = = P,V,T,/P,T, 
= 318K = (740.0 mmHg x 106.0 L x293 K)/(780.0 mmHg x 318 K) 
T, = 273 + 20.0°C =92.6L 


= 293 K 
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7.03: Graham’s Law of Diffusion and Effusion 


Learning Objectives: 


e (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 

e (3.B) communicate and apply scientific information extracted from various sources 

e (3.F) describe the history of chemistry and contributions of scientists 

e (9.B) describe the postulates of kinetic molecular theory. 


Diffusion and Effusion Concepts 


You learned in a previous lesson that gases have particles in constant, random, 
straight-line motion. We study this motion in terms of average kinetic energy (i.e., Kelvin 
temperature); recall that kinetic energy = 3/2 RT. (Ris a constant.) Kinetic energy is also equal 
to % mv’, so increasing the velocity of the gas particles will also increase kinetic energy. 


Since we are still working under ideal gas assumptions, it is easier to understand gas 
particle mass in terms of molar mass than the individual mass of a single gas particle, which is 
negligible according to the KMT. If you compare 
gases of different molar masses, under a constant 


Ee 
temperature, you will find that gases of lower B T=0°C 
molar mass travel at higher velocities. In other = mmm Nz (m=28 u) 
. F ; : mem ~He (m=4 u) 
words, even if the average kinetic energies of the om Ho (m=2 u) 


different gases are identical, gases can still travel at 
different speeds depending on their molar mass. 
This Maxwell-Boltzmann distribution graph shows 
these relationships. Velocity is on the x-axis and 


p(v) is the probability of finding particles of each 


F 2 v (m/s) 
gas moving at that speed at that same : aad ani sii 


temperature.” 
Generally speaking, the area under the curve denotes the number of gas molecules; a 
large area means a large number of molecules. For N,, most of those particles have a low 


10 «laxwellBoltzmann Gases TOC.png.” MaxwellBoltzmann Gases TOC.Png, Wikimedia Commons, 


commons.wikimedia.org/wiki/File:MaxwellBoltzmann_gases_TOC.png. Licensed under the CCO 1.0 
Universal Public Domain. 
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velocity. On the other hand, for H,, which has a significantly smaller molar mass (and smaller 
molecules), most of those particles have a faster velocity. 


We usually compare the motion of two gases at the same temperature. Gases can 
either move linearly by diffusion or by effusion. Diffusion is the movement of a gas down a 
concentration gradient, i.e., from an area of higher concentration to an area of lower 
concentration, until the gas concentration is constant. If you spray perfume in one corner of a 
room, that perfume smell will eventually spread throughout the entire room, given time. The 
gas particles never stop moving, even after diffusion has stopped, but that movement will 
maintain the concentration of the perfume in the room. 


Effusion is simply diffusion that occurs through a tiny hole in the container wall. The 
hole is assumed to be small enough for gas particles to escape one at a time. Over time, a 
balloon full of air will eventually lose all of its air and shrink; this is an example of effusion in 
action. 


Diffusion and effusion will occur at a faster rate at higher temperatures because they 
have higher kinetic energy at higher temperatures, and thus will move farther. Hydrogen gas at 
0 K will effuse slower than hydrogen gas at 300 K. 


If you have a gas of smaller molar mass, such as hydrogen or helium, and compare its 
diffusion rate with a gas of higher molar mass, the smaller molar mass gas will diffuse faster if 
the gases have the same temperature. For example, hydrogen gas (molar mass 2.016 g/mol) at 
0 K will effuse faster than helium gas (molar mass = 4 g/mol) at 0 K. The two gases have the 
same average kinetic energy, but the hydrogen gas can move at a faster rate since its gas 
particles have less mass to move around. 


Graham’s Law of Diffusion and Effusion 


Graham’s law of diffusion and effusion relates the rate of two gases, A and B, and their 
molar masses. Note that this is an indirect relationship. 


rateof gasA _ ,j/molar mass of gas B 


rate of gasB vmolar mass of gasA 


If your teacher wishes, they may show you how to derive this formula. 
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7.04: Ideal Gas Law; Density and Molar Mass of a Gas 


Learning Objectives: 


e (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 

e (4.B) identify extensive properties such as mass and volume and intensive properties such as 
density and melting point 

e (8.A) define and use the concept of a mole 

e (8.B) calculate the number of atoms or molecules in a sample of material using Avogadro's 
number. 

e (8.D) differentiate between empirical and molecular formulas 

e (9.A) describe and calculate the relations between volume, pressure, number of moles, and 
temperature for an ideal gas as described by Boyle's law, Charles' law, Avogadro's law, 
Dalton's law of partial pressure, and the ideal gas law 


Ideal and Real Gases 


If a gas behaves in accordance with the KMT postulates (discussed in a previous lesson) 
it is referred to as an ideal gas. Under “normal” laboratory or classroom conditions, all gases act 
more or less ideally. However, gases act more and more ideally under two conditions: 


1. very high temperature and/or 
2. very low pressure 


If a gas is at a very high temperature, its gas particles will have a very high average 
kinetic energy and will be moving so much that collisions will be elastic, and forces between 
particles will be negligible. (If the particles are moving fast, they won’t have the opportunity to 
attract each other.) 


If a sealed gas is at a very low pressure while at constant temperature, its overall volume 
will be large, meaning the space between particles will be very large and again, forces between 
particles will be negligible. Also, the size of the particles will be negligible compared to that 
great distance between them. Recall that particles having almost zero “point mass” act ideally. 
Gases with a small molar mass tend to act more “ideal” for this reason. 


However, a gas acting under the opposite conditions (very low temperature and very 
high pressure) is considered to be a real gas. These conditions favor the formation of forces of 
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attraction and repulsion and the occurrence of inelastic collisions - so, when real gas particles 
collide, some of the energy of the collision - kinetic energy - is converted into potential energy, 
which helps form the force of attraction or repulsion. Gases at a very low temperature have a 
small overall kinetic energy and move slow enough for the forces of attraction or repulsion to 
occur. Gases at a very high pressure are usually also at a low volume, meaning the space 
between particles is small. This also encourages the formation of these forces. Because the 
space between particles is small the size of the particles themselves becomes more significant. 


Thus, real gases have (relatively) large molecular sizes, so a gas is more likely to be “real” when 
it has a large molar mass. Real gases also have some forces of attraction between them, but 


ideal gases do not. 
The Ideal Gas Law 


The ideal gas law relates the gas variables of pressure (P), volume (V), number of moles 
(n), and Kelvin temperature (T) for a sample of a gas that is *not* undergoing any change. As 
the name of the law states, we assume that the gas in question is acting ideally - no forces of 
attraction or repulsion and particles have an insignificant mass - and you can assume that, too. 
In the formula below you will also note the presence of “R”. This is known as the ideal gas 
constant. While the term “constant” implies “not changing”, the value of the gas constant is 
dependent on the unit used to measure the pressure. Also, remember ALL temperature in gas 
law problems must be in Kelvin! 


Formula: PV =nRT 


Ideal Gas Constant (R) Values 


Units of Pressure R (with units) 
atmosphere = 0.0821 L-atm/mol-K 


8.314 L: kPa/mol-K 
62.4 L:mmHg (or Torr)/mol-K 


kilopascals 


mmHg or torr 
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Example: “Deflategate” 


During the 2014-2015 AFC championship game between 
the New England Patriots and Indianapolis Colts, it was 
alleged that the Patriots deliberately under inflated their 
footballs. This matter eventually came to be known as 
“Deflategate”. The ideal gas law was cited and discussed 
by several expert witnesses in court. If you’re interested, 
Google the article “Football and the Ideal Gas Law.”"* 


t 


Calculation Example: 
If | have 4.00 moles of a gas at a pressure of 5.60 atm and a volume of 12.0 liters, what is the 
gas temperature in Kelvin? 


T = PV/nR 
= (5.60 atm x 12.0 L)/(4.00 mol x 0.0821 L-atm/mol-K) 
= 205 K 


Molar Mass and Density of a Gas 
Because the ideal gas involves variables of moles and volume, you can rearrange the 


equation to solve for molar mass (remember: that’s mass divided by # of moles) or for density 
(remember: that’s mass divided by volume). Here’s the proof: 


Molar mass pe cco apgeiacas Densit _ mass _ mass 
~ moles ~ 2 y ~ yy _@RT) 
RT P 
= mass (=> = mass (—-) 
: ry ~ nRT 
H . mass . mass 
Since density (d) = ——, Since molar mass = , 
: n 
dRT : (molar mass)(P) 
molar mass = —— density = or 


a Orzel, Chad. “Football Physics And The Science Of Deflategate.” Popular Science, Popular Science, 18 Mar. 2019, 
www.popsci.com/football-physics-and-science-deflategate/. 
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Calculation Example: 


Find the density of carbon tetrachloride at 714 torr at 125°C. 


Given: 
molar mass (CCI,) = 12.011 g/mol + 4(35.453) g/mol = 153.812 g/mol 
P = 714 torr 
R = 62.4 L-Torr/mol-K 
T = 125°C = 125 + 273 K = 398 K 
D = [(714 Torr)(153.812 g/mol)]/[(62.4 L-Torr/mol-K)(398 K)] 
D = 4.42 g/L 


7.05: Dalton’s Law of Partial Pressures / Ideal Gas Law Lab 


Learning Objectives: 


e (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures. 

e (8.A) define and use the concept of a mole 

e (9.A) describe and calculate the relations between volume, pressure, number of moles, and 
temperature for an ideal gas as described by Boyle's law, Charles' law, Avogadro's law, 
Dalton's law of partial pressure, and the ideal gas law. 


Dalton’s Law of Partial Pressure 


So far, we have assumed that the samples of gases involved are pure substances. This 
next gas law deals with the pressures of gas mixtures. To simplify matters, we will again assume 
ideal conditions. Furthermore, we assume that all collisions will be elastic and will *not* result 
in the formation of intermolecular forces- in other words, there will be no chemical reactions 
occurring when particles collide. 


If this is all true (and you can always assume this for the purpose of solving these 
problems), the sum of the pressures of individual gases in the same container is equal to the 
total pressure of the container. Each of these individual pressures is referred to as a partial 
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pressure. Of course, for you to be able to add these partial pressures up implies that they all 
have the same units of measure. 


Formula: Pisa = P gen? P xcie t P gece on 
Calculation Example: 


A canister contains 425 kPa of carbon dioxide, 750 kPa of nitrogen, and 525 kPa of oxygen. 
What is the total pressure of the container? 


Prot = 425 kPa CO, + 750 kPa N, + 525 kPa O, 
= 1700 kPa 


Dalton's Law of Partial Pressure also considers the number of moles of each type of gas 
in the container at constant temperature/volume. Let’s say that you inject one mole of helium 
and one mole of argon into the same rigid tank at constant temperature. Since there are no 
chemical reactions occurring, you will have a total of two moles of gas in the container. If the 
total pressure is 5.0 atm, then the partial pressure of helium should reflect the fact that helium 
makes up half of the gas particles in the tank. Therefore, the partial pressure of helium in the 
tank is 2.5 atm, and the partial pressure of the remaining gas (argon) is 2.5 atm. In the figure 
below, helium is @ and argon is Z\. 


Total pressure (P,,ta) = 5.0 atm 
Total # of moles = 2 moles 
(1 mole of each type of gas) 


Pye = 2.5 atm, since He is half of the 
total # of moles 


P,.=5.0-2.5=2.5 atm 


The proportion of the moles of your gas of interest relative to the total moles of gas in 
the tank is called the mole fraction. In the scenario from the previous paragraph, the mole 
fraction of helium is % (one mole divided by two total moles of gas). If you think this sounds like 
percentage, you’re right. Mole fraction is literally a fraction, and a ratio, so it has no units. It 
does have a unique symbol: X (the Greek letter chi). 
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# moles of one gas 


ROMMUIG: X= seal moles of all gases: 


Calculation Example: Calculate the mole fraction of oxygen in a tank consisting only of 10.0 g of 
oxygen gas and 15.0 g of nitrogen gas. 


1 mole 0, 

# moles of 0, = 10.0 g 0, x 319989 0, = 0.31252 moles O, 
1 mole N, 

# moles of N, = 15.0 g N, x We0I GN, = 0.53545 moles N, 


0.31252 moles 0, 


Xfor 0, = (0.31252 moles 0,+0.53545 moles N, 


= 0.368 


We can use mole fraction to help calculate the partial pressure of a gas in a mixture. 
Simply multiply the mole fraction of that gas by the total pressure. 


Formula: P gasa =X gasa * P total 


Calculation Example: The mole fraction of nitrogen dioxide gas in a mixture is 0.250. Calculate 
the partial pressure of nitrogen dioxide in that mixture if the total pressure is 650 torr. 


Pie =0.250 x 650 torr = 160 torr 
2: 


(Note: two sig figs in the answer; ratios are not sig figs!) 

You can use the ideal gas law in conjunction with Dalton’s Law as well. Add up the 
number of moles of each type of gas, then use that sum to calculate the total pressure of the 
gas mixture. It works in reverse too: if you knew the partial pressure of a gas and the total 
pressure of a mixture containing that gas, you can also calculate the mole fraction of that gas. 


Calculation Example: 


Calculate the total pressure, in atm, of a 100. L gas mixture containing 10.0 g each of oxygen 
and carbon dioxide gas at 30.0°C. Then, calculate the partial pressure of each gas. 


Protal x ? 
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V=100.L 
= ole 0, 1 mole co, 7 
Ntotal = (10.0 gO, x 31.998 g0, ) + (10.0 g CO, x 44.009 g CO, ) = 0.5397 moles 
2 2 
a L-atm 
R = 0.0821 —“" 
T = 30.0 + 273 = 303 K 
stale (0.5397 moles x 0.0821 ca x 303 K) 
Protal = eS ——— =o = 0.134 atm 
1 mole 0, 
(10.0 g Qo, a 31.998 g 0, 


Pe ae x P total = 
2 2 


0.5397 moles x 0.134 atm = 0.0776 atm 


Ps = 0.134 atm — 0.0776 atm = 0.0564 atm (since there are only two gases in the tank) 
2 


Calculation Example: 


The partial pressure of oxygen was observed to be 156 torr in air with a total atmospheric 
pressure of 743 torr. Calculate the mole fraction of oxygen. 


Given: 
Posen = LOG torr 
Pi = 743 torr 


mole fraction of oxygen = 156 / 743 = 0.210 


Gas Collection Over Water 


Gases produced by chemical reactions are often collected “over water”. This is a 
centuries-old technique. The pressure of the gas can be measured by raising/lowering an 
inverted bottle or graduated cylinder until the water level is the same inside/outside of the 
bottle. This ensures that the pressure inside the bottle is equal to the atmospheric pressure 
outside the bottle. Gases fill their containers, so the volume of that space is the volume of the 
gas. If you’re using a graduated cylinder, simply read off the volume of gas by using the 
markings; don’t forget to add one uncertain digit to your reading. 

The pressure inside the bottle is equal to the atmospheric pressure outside the bottle 
when the water level is the same. However, that sample of gas trapped above water contains 
water vapor as well. To figure out the partial pressure of just your gas of interest you need to 
subtract the water vapor pressure from the total (atmospheric) pressure. Water vapor 
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pressures at various temperatures are widely available online; we will provide these values to 
you for the purposes of problem-solving. 


Formula: P gas =P atm - P 


H,O 
Gas mixture 
(containing both H,O 
and gas of interest) 
=, 
Flask containing Trough containing water and 
gas-producing graduated cylinder 


reaction 


Use the ideal gas law for gas 

collection over water 

problems. Later, these types 
of problems will have the added wrinkle of gas stoichiometry. 


Calculation Example: 


Calculate the number of moles of N, gas produced for a reaction held at 25°C and 101.66 kPa. 
The total volume of gas collected over water is 60.0 mL. The vapor pressure of water at this 
temperature is 3.17 kPa. 


P.tm = 101 kPa, so Ps = 101.66 kPa — 3.17 kPa = 98.49 kPa 


2 


V = 60.0 mL = 0.0600 L 


=. L-kPa 
R= 8.314 ——— 
T= 25°C = 298 K 
_ PV _ _(98.49 kPa x0.0600L)_ _ 
N= ou Lia rr 0.0024 moles 
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Note that the total volume of gas collected over water includes both the water vapor as 
well as your gas of interest. 


7.06: Gas Stoichiometry 


Learning Objectives: 


e (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures. 

(8.A) define and use the concept of a mole 
(8.B) calculate the number of atoms or molecules in a sample of material using Avogadro's 
number 

e (8.G) perform stoichiometric calculations, including determination of mass and gas volume 
relationships between reactants and products and percent yield. 

e (9.A) describe and calculate the relations between volume, pressure, number of moles, and 
temperature for an ideal gas as described by Dalton's law of partial pressure, and the ideal 
gas law. 


Launching rockets, filling weather balloons, and driving cars all entail some use of gas 
stoichiometry. We solve these problems just like we did for “regular” mass to mass and/or 
limiting/excess reactant stoichiometry problems, but with a few added twists. 


Since we are usually concerned with calculating the volume of a reactant or product, we 
can use the Ideal Gas Law, PV = nRT, to convert between moles of a gas and volume of a gas. 
This is always something you can do in a gas stoichiometry problem regardless of pressure or 
temperature conditions. However, there *is* a shortcut you can use to convert between moles 
and volume if conditions are at STP or if the conditions are unchanging (regardless of what they 
are). 


Molar Volume of a Gas at STP 


Avogadro’s law states that equal volumes of all gases at the same temperature and 
pressure contain the same number of molecules. From Avogadro’s law, it follows that all gases 
have equal molar volumes if they are measured at the same temperature and pressure. The 
molar volume is the volume occupied by one mole of any gas at STP. At standard temperature 
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and pressure (STP, so, 0°C and 1 atm), the molar volume of any gas sample is 22.4 L. If your 
teacher wishes, they may show you how to derive 22.4 L= 1 mole in class. 


Gas Stoichiometry 


The following map can be used to help you navigate gas stoichiometry problems. You 
will always need to have a balanced chemical equation in place to generate the mole-to-mole 
ratios. (You might have to write one yourself!) Always check to see if STP conditions are in place 
first (or if the conditions are unchanging) so you can use the “shortcut” 22.4 L=1 mole. If not, 
you can always use the Ideal Gas Law. 


There is a second shortcut that you can also use: if the problem entails 
volume-to-volume stoichiometry at STP or under unchanging conditions, you can just do 
mole-to-mole stoichiometry on the given volume, as if it were moles. 


Use this to convert from substance A (given quantity) to substance B (desired 
quantity). You MUST have a balanced chemical equation first. 


# grams of > # moles of > # moles of => # grams of 
fp / / \ 
Divide by Multiply Multiply 
A B 


molar by mole 


A ; by molar 
mass of ratio of mass of B 
substance substance substance 
A B to B 
substance 
A 
@STP: Divide by 22.4 @STP: Multiply by 22.4 
Not@STP: Use Ideal Not@STP: Use Ideal Gas 
Gas Law to solve for n Law to solve for V 
Volume Volume 


of AinL of BinL 
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Although it isn’t shown in the map, you can, of course, still solve for the number of 
atoms, ions, formula units, or molecules using Avogadro’s number, 6.022 x 107°. You must know 
the number of moles of that substance first. 


Calculation Example: 25.0 L of hydrogen gas is sparked in an excess of oxygen gas to form water 
vapor at STP. Calculate the volume of water vapor produced. 


2 Haig) + O24 1 2 HO (gy 


There are several ways to solve this problem. 


Firstly, this is a volume to volume problem at STP, so you can use the “shortcut” where we treat 
the volumes as if they were number of moles. This shortcut can ONLY be used for 


volume-volume problems at any constant pressure and temperature conditions. 


2 moles H,0 


25.0 Lof Hy 4) x = 25.0 L of H,O ¢,) 


2 moles H, 


The “Proportion Method” also works well here, again because this is a volume-volume problem 
at STP: 
25.0LofH, x LofH,0 


2 moles H, ~ 2moles H,0 


x = 25.0 L of H,O ¢,) 


If you aren’t sure whether you can use shortcuts or not, just use regular stoichiometry. This is 
the third method, and it will work in any stoichiometry situation. 


1 mole of H, 2 moles HO 22.4 L of HO 


Ke ea See 
25.0 L of H, ig) 22.4 L of H, 2 moles H, 1 mole of H,O 


= 25.0 L of H,O ¢,) 


See why the “shortcut” works? 22.4 Las a factor will cancel out, but again, only if your 
problem is STP and stays at STP throughout. 


Calculation Example: 25.0 g of hydrogen gas is sparked in an excess of oxygen gas to form water 
vapor at 30.0°C and 770. mmHg pressure. Calculate the volume of water vapor produced. 


2 Ho) + Oni Ui 2 H20 (g) 
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No shortcuts here (sorry) because this problem is not at STP. However, you still have some 
options. 


The “Proportion Method” does work. Use it to solve for the number of moles of water vapor. 


25.0 g of H, ee moles of H,O 
2 moles (2.016—_) 2 moles 


mol 


Cross-multiply, etc.: 2(2.016)(n) = (25.0)(2) 
n= 12.4008 moles 


(art) _ (12.4008 moles x 62.4 ae eo) 
Now use IdealGas Law: V= es ———-—_'aQamig = 304L 


(If you wanted to use the Proportion Method for non-STP problems starting with a volume, it is 
much easier to use Ideal Gas Law to convert the volume to moles first.) 


The other option is using regular stoichiometry. The work just starts differently, to get moles: 


1 mole of H, 2 moles H,0 


2.016 gofH, ~ 2molesH, = 12.4008 moles 


25.0gH, x 


Once you have n, use Ideal Gas Law, as above, to get 304 L. 


If you ever get stuck, read the problem first and see if you can do Ideal Gas Law on 
anything first. That will get your brain started. 


Recall that whenever you are solving for moles or mass you are obtaining the theoretical 
yield of the reaction. For gas stoichiometry problems we can use volume in place of moles or 
mass. For example, the theoretical yield of this reaction is 304 L, but let’s say you obtain 291 L 
instead, through experimentation. The percent yield will be: 


291 L 


% yield = = — 


x 100% = 95.7% 
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7.07: Limiting and Excess Gas Stoichiometry 


Learning Objectives: 


@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures. 

(3.B) communicate and apply scientific information extracted from various sources 

(8.A) define and use the concept of a mole 

(8.G) perform stoichiometric calculations, including determination of mass and gas volume 
relationships between reactants and products and percent yield. 

(8.H) describe the concept of limiting reactants in a balanced chemical equation 

(9.A) describe and calculate the relations between volume, pressure, number of moles, and 
temperature for an ideal gas as described by Dalton's law of partial pressure, and the ideal 
gas law. 


Limiting and Excess Reactant (Gas) Stoichiometry 


Sometimes during a reaction, it is necessary to make sure the reaction goes to 
completion. This means that one of the reactants is used up completely and the other reactants 
are left in excess. Recall that the reactant that is used completely is the limiting reactant. Once 
all the limiting reactant is used up, the reaction will stop. The excess reactant will have some 
material left over. In the resulting product, you will have all the product molecules successfully 
made, plus the excess reactant molecules that are left over. 


If the situation is not a limiting-excess situation, you will have only product molecules 
present after the reaction is over. All of the reactants will be completely used up. 


As you can see, the limiting reactant is not the same reactant every time. 


To determine the limiting reactant, you can either: 


a) select a reactant to be “limiting”and calculate the mass of the second reactant you need 
to react with the first. 


See if you have enough of the second reactant present. If you do, you were right: your 
choice was the limiting reactant. If you don’t, the second reactant (the one you didn’t pick) 
is limiting. 
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OR 


b) do the problem twice: solve for the required quantity in moles using each reactant, one 
at a time, then compare your two answers. 


The reactant that gave you the smaller value for the product, in moles, is limiting. 


Calculation Example: Calculate the theoretical yield, in liters, for H,(,, produced at 25°C and 1.0 
atm if you have 205 g of Al ;,, and 75.6 g of HCI available. Then, calculate the mass of excess 
reactant left over. 


Using method qa) from the previous page: 


Assume that 205 g of Al is limiting (for now). If it is limiting, calculate how many grams of HCI 1, 
you truly need, using stoichiometry or the Proportion Method. (“Available” is not the same 
thing as “needed” !) 


1 mole Al 6 moles HCl . 36.461 g HCl 


x xX 
205 g Al X 6085 g Al 2 moles Al 1 mole HCl 


= 831 g HCl needed 


The Proportion Method will give you the same results: 


205 g Al a kor Heh 


2moles (26.9857) 6 moles (36.461—*_) 


mol 


Solve for x by cross-multiplying, etc: x = 831 g HCl needed 


You do not have enough HCI to react with 205 g of Al. Therefore, the 75.6 g of HCI must be the 
limiting reactant. The Al is the excess reactant. 


Use the 75.6 g HCI to solve the problem, since it controls the reaction. Solve for moles of H, ¢g) 
since you'll need n to use the Ideal Gas Law and get volume: 


1 mole HCl 3 moles H, 


TSO HOAX seaeighCl emolesHCL 


= 1.04 moles H) ¢,) 
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L-atm 


nRT (1.04 moles its 0.0821 — Xx 298 K) 


Now solve for V: V = > <<...) =25.4L. 


(You cannot use 22.4 L= 1 mole here, because these are not STP conditions.) 


To calculate the mass of excess reactant left over, you need to calculate the mass of excess 
reactant actually used up and then subtract this from the original mass of excess reactant. Al is 
the excess reactant. So: 


1 mole HCl 2 moles Al 26.985 g Al 
Mass of Al actually used = 75.6 g HCl x 364619 HCl 5 moles HCl THaie Al 18.65 gAl 


Mass of Al left over = 205 g Al (available) — 18.65 g Al (actually used) = 186 g Al left over 


Using method b) from the previous page: 


Do stoichiometry or the Proportion Method twice, once for the 205 g Al, and once for the 75.6 g 
HCl. In each case, solve for the number of moles of H,,,,, Whichever reactant gives you the 
smaller number of moles of H, is limiting. You will also get the theoretical yield of H, in moles 
right away, as a bonus. 


euieA 3 moles H 
205 B Al x 26085941 ™ “Zmolesal ~ 11-4 Moles Hai 
3 moles H 
1 mole HCl 2. bls 
75.6 g HCl x 36461 g HCL AyolestiCh = 1.04 moles H, (,) 


HCl is limiting because it led to the smaller yield of H,(., This is the maximum number of moles 
of product made, because once the limiting reactant is gone, the reaction will stop. 


From here, use n = 1.04 moles H, for the Ideal Gas Law, to calculate the theoretical yield in L: 


(1.04 moles H, x0.0821 —““"- x 298 K) 


: a —— ——— a =25.4L 


Calculating for the mass of excess reactant left over is exactly the same as in method a): see the 
top of this page for that work. 


Always check to ensure that your chemical equation is balanced! 
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Unit 8: Solutions, Acids and Bases 


Lesson 
8.01 
8.02 
8.03 
8.04 
8.05 
8.07 


8.08 
8.09 
8.10 
8.11 
8.12 


8.01: Intermolecular Forces 


Learning Objectives: 


(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 
(2.1) communicate valid conclusions supported by the data 

(3.B) communicate and apply scientific information extracted from various sources 
(3.F) describe the history of chemistry and contributions of scientists 

(7.C) construct electron dot formulas to illustrate ionic and covalent bonds 


(7.E) classify molecular structure for molecules with linear, trigonal planar, and 
tetrahedral electron pair geometries as explained by Valence Shell Electron Pair 
Repulsion (VSEPR) theory. 


Inter- vs. Intramolecular Forces and Coulomb’s Law 


Before we can understand how solutions function, we need to have a big picture idea of 
what forces are. There are two types: intramolecular forces and intermolecular forces. 
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Intramolecular forces are internal forces holding a single molecule or formula unit 
together; in other words, they are ionic bonds and covalent bonds (both nonpolar and polar). 
We have already discussed intramolecular forces in great detail back in Unit 4. 


The forces that hold a mixture together exist between the different types of molecules 
and/or formula units in the mixture or solution. These are intermolecular forces. These forces 
are the most important for understanding why the properties of a solution are what they are. 
Intermolecular forces influence such properties as melting point, state of matter at room 
temperature, texture, hardness, solubility, and density, because manipulating these properties 
always involves physical changes, not chemical changes. 


In general, intermolecular force 
strength depends on Coulombic forces. kq1 92 
Coulombic forces are the forces that hold mT ee 
positively charged and negatively charged 
objects together. The strength of Coulombic 


forces depends on two factors: the strength 


[All 


of the charges involved (“q,” and “q,”) and r 
the distance between the two charges (“r”). 


Coulomb’s law is the formula represented in the figure above. You do not have to solve 
anything based on this law, but you do have to know the factors that affect the force of 
attraction, and how they affect it. The greater the charges, the stronger the attraction; and the 
larger the distance, the weaker that attraction is. 


Intermolecular Forces: The Dispersion Force 


Understanding intermolecular forces is important because they determine the 
properties of a substance. Substances, in general, can be classified as “molecular” (covalent) or 
“jonic”. The strength and predominant type of force present determines properties such as 
state at room temperature, hardness, solubility in water, melting point, boiling point, and 
conductivity. We will start first with molecular compounds - compounds consisting of molecules, 
held together by covalent bonds. 

Nonpolar molecules, such as O,, are perfectly symmetrical, and contain nonpolar 
covalent bonds. These are covalent bonds in which the electron sharing is more or less equal. 
However, oxygen molecules are never alone. It is surrounded by other molecules that are 
constantly colliding with it. The same holds true for noble gas atoms. 
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When these collisions occur, the electron cloud around the molecule is distorted. This 
produces a temporary induced dipole within the molecule. Since the atom or molecule now has 
a positive side and a negative side, it can be attracted to the other atoms or molecules. This 
attractive force is called a London dispersion force, or just “dispersion force”. This is the main 
intermolecular force for any nonpolar covalent substance. 


Think of this force like two boats, full of people, on the sea. People are electrons in this 
scenario. If one boat full of people shifts to one side (due to the unpredictable movement of 
the sea), all the people slide over, due to the force. That side gains a temporary negative dipole, 
and the now-empty side of the boat gains a temporary positive dipole. 


If there was now a second boat, where the same thing had occurred, a “dispersion force” 
between the two boats could form. The positive side of one boat “attracts” the negative side of 
another. But, since the motion of the sea is unpredictable, electrons could slide around their 
respective atoms at a moment’s notice; if they do, the force between the two boats breaks. 


Here’s what the formation of a dispersion force looks like in atoms, say, between two 
atoms of He |. “e” stands for electrons. The dots represent the dispersion force. 


e 
= he = GG 
e e 


oOo eeeee Co) 


Since all substances have electrons, all substances have dispersion forces. These forces 
range from 5 — 40 kJ/mol. An example is the force between two methane (CH,) molecules. 
However, dispersion forces are not always the most important ones. 


Compounds held primarily by dispersion forces tend to be soft, waxy, insoluble in water, 
and have low melting/boiling points. They also tend to be gases or liquids at room 
temperature. However, this force is temporary, which explains why these forces are so weak. 

It is the only significant intermolecular force between molecules of nonpolar compounds, or 
between something polar and something nonpolar. (Two polar or ionic compounds will have a 
more significant force between them.) 


93 


If you are comparing substances that a// have dispersion force as their main 
intermolecular force, compare their molar masses. A substance with a large molar mass has 
large atoms or large molecules. Large atoms and molecules contain a lot of electrons that repel 
each other and aren’t as strongly attracted to their atomic nuclei. This causes the electrons to 
be easily pushed around and distorted, so they can form temporary dipoles easily. This ability is 
called polarizability. Therefore, more polarizable nonpolar substances have higher boiling 
points, are harder (if solid), and have slightly higher solubility in water. But be cautious, just 
saying “the molar mass is bigger” without any other explanation is not an acceptable 
explanation for the properties of a nonpolar substance. 


Intermolecular Forces: The Dipole-Dipole Force 


Some molecules are polar. Therefore, in addition to dispersion forces, they can also 
have a permanent dipole, with partial charges, which attracts other polar molecules (either 
induced or permanent). This is called a dipole-dipole force, and this is a permanent but partial 
charge. (Partial charge simply means it is not as strong as the “full” charge on an ion.). 
Anything with dipole-dipole force has stronger forces than anything with dispersion force. 


An example is the force between two hydrogen chloride molecules. On the scale of 
things, dipole-dipole force is stronger than London dispersion force; that is, it takes more energy 
per mole to disrupt dipole forces than it does to disrupt London dispersion force. The 
properties of molecular substances held by dipole-dipole forces change, compared to those 
held by London dispersion force. Melting and boiling points are slightly higher as more energy 
per mole is required to interrupt the forces between these molecules, and their solubility in 
water is higher since they can now form attractive forces with the polar water molecules. 
Conductivity is increased since each end of the molecule has a permanent charge. 


OA) OO 


O+ 0- dipole-dipole force O+ 0- 


Intermolecular Forces: The Hydrogen Bond 
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A third type of intermolecular force is hydrogen bonding, which is really a very strong 
dipole-dipole force. When hydrogen is covalently bonded to a small electronegative atom like 
nitrogen, oxygen or fluorine, the electron cloud on the hydrogen is very distorted and pulled 
toward the electronegative atom. Since hydrogen has no core electrons, the positive nuclear 
charge is somewhat exposed. This sets up a strong attraction between this hydrogen and 
nitrogen, oxygen, or fluorine in another molecule. (There is an added requirement; that 
nitrogen, oxygen, or fluorine has to be bonded to a second different hydrogen before it forms 
this new attraction. Just remember that hydrogen likes to have FON.) 


” Hydrogen bonds involve permanent, partial dipoles. 
They are significant in determining such factors as the 
high boiling point of water, the solubility of sugar in 


H5+ He" 


Ol! PEtTdtt IH—O water, and the shape and structure of proteins and 
me 6+ o- DNA. Because dispersion forces, dipole-dipole forces 
H and hydrogen bonding all involve molecules (only), 
o+ they are lumped into a group called van der Waals 
forces. 


Hydrogen bonds are the strongest type of van der Waals force, by far. Dipole-dipole 
forces are next, and dispersion forces are the weakest. By “strong” and “weak”, we mean that a 
hydrogen bond has the highest amount of energy involved, and a dispersion force has the 
lowest. Any liquid with primarily hydrogen bonding has the highest boiling point. Hydrogen 
bonded substances have high solubilities in water. Many compounds with hydrogen bonding 
are solid; compounds with dispersion forces tend to be liquid or gas. 


The lon-Dipole Force 


These interactions occur when an ionic solute and a polar solvent (has to have a 
molecular dipole) are mixed together. There are two types of interactions: a positive ion 
(cation) attracts to the partially negative end of the polar molecule and a negative ion (anion) 
attracts to the partially positive end of the polar molecule. 


B “Hydrogen-bonding-in-water-2D.png.” Hydrogen-bonding-in-water-2D.png, Wikimedia Commons, 
commons.wikimedia.org/wiki/File: Hydrogen-bonding-in-water-2D.png. Public domain. 
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The strength of the ion-dipole force is dependent on the strength of the ion’s charge, as 
the charge increases the ion-dipole force also increases, and the size of the molecular dipole in 
the polar molecule, the larger the electronegativity difference in the bonded atoms the larger 
the molecular dipole, the increased ion-dipole force. These interactions are short-lived and can 


change throughout a solution. 


The following graphic organizer summarizes the main intermolecular forces (IMFs): 


Molecular (covalent) compounds Polar molecular 
Molecules contain covalent bonds and are held covalent 


to each other by van der Waals forces compounds and lons 
Polar molecules 


display a molecular 
dipole and ions have 


charges 
Nonpolar molecules Polar molecules Polar molecules Mixtures of Polar 


held to each other by heldtoeachotherby heldtoeachotherby molecules and ions 


dispersion forces dipole-dipole forces hydrogen bonds held to each other by 
ion-dipole forces 


Lowest BP/MP Higher BP/MP Higher BP/MP Conductive 
No/lowest More conductive More conductive 

conductivity More soluble in Can be liquid or solid 

Soft, waxy, slippery water More soluble in 

Gases/liquids at room Conductive when water 

temp dissolved Conductive when 

Insoluble in water dissolved 


Bond/molecular polarity and IMF strength increases 


ee 
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Comparing Intermolecular Forces 


Before we compare intermolecular forces in two chemical species, you need to be able 


to determine the most significant intermolecular force present in each chemical. Here are some 


tips to help you determine the most significant intermolecular force (IMF) present in a chemical: 


a) 


b) 
c) 


d) 


e) 
f) 


If it is molecular (contains only nonmetals), draw a Lewis structure to determine its 
VSEPR molecular shape and figure out if it is nonpolar or polar. 

If the substance is nonpolar, its significant IMF is dispersion force. 

If the substance is polar covalent, it has either dipole-dipole forces or hydrogen bonds as 
its significant intermolecular force. 

If the molecule’s formula contains H and one of N, O, or F, it will form hydrogen bonds 
between two different molecules of the substance, so its force is hydrogen bonding. 

If the molecule fails test d), it has dipole-dipole force. 

If it is a solution (contains more than one particle type), determine if one of the particles 
is a soluble ionic salt and the other particle is polar covalent, it has an ion-dipole force. 


Once you can identify the significant IMF in a substance, you can compare the IMFs of 


two different substances, and then infer the reason why they have the properties they do. 


Always discuss both substances in your answer, in a well-written paragraph, and using scientific 


principles such as polarizability, Coulombic forces, the type of intermolecular forces present, 


and the amount of energy involved. 


8.02: Solutions Concepts 


Learning Objectives: 


(2.E) plan and implement investigative procedures 

(3.A) analyze, evaluate, and critique scientific explanations 

(3.B) communicate and apply scientific information extracted from various sources 

(3.C) draw inferences based on data related to promotional materials 

(3.D) evaluate the impact of research on scientific thought, society, and the environment 
(10.A) describe the unique role of water in solutions in terms of polarity; 

(10.E) distinguish among types of solutions such as electrolytes and nonelectrolytes; 
unsaturated, saturated, and supersaturated solutions; and strong and weak acids and 
bases; 


97 


e (10.F) investigate factors that influence solid and gas solubilities and rates of dissolution 
such as temperature, agitation, and surface area 


Water 


Water is miraculous stuff, due to its molecular shape. It has a bent molecular shape with 
a bond angle of 104.5°, and its two lone electron pairs on the central oxygen make water a polar 


molecule. Its permanent, partial negative and positive dipoles allow water to “pull” on charged 
and polar substances, including on other water molecules and polar substances such as the 


organic molecules necessary for life. 


Water successfully dissolves and transports chemicals of biological importance, many of 
which are polar. Hydrogen bonds between water molecules are exceptionally strong for its 
molar mass. Water molecules are cohesive and adhesive, allowing it to travel up plant stems 
and retain heat very well. Its high boiling point (for its size) is entirely due to strong hydrogen 
bonds. The oceans, full of water, act as a heat sink to help regulate the earth’s temperature; 
water in your body performs a similar function for your own body temperature. 


When water freezes, the bent structure of water allow it to form rigid hexagonal 
structures which increase the volume of the ice. This makes the density of ice smaller than that 
of liquid water, so ice will float. This is very important for aquatic life in wintery environments. 
The ice on top of lakes and rivers freezes first, allowing water to stay liquid beneath it. Water’s 
amazing properties are, in short, entirely due to its chemical structure. 


Water is usually the solvent in the solutions we will discuss in class. If water is the 
solvent, then the solution it forms is called an aqueous solution. 


Solutions Concepts 


Solutions are homogeneous mixtures of two or more substances (solutes) dissolved in a 
single phase. The solvent is the part of the solution that does the dissolving and has the highest 
concentration in the solution. Solutions are well-mixed and homogeneous. (Heterogeneous 
mixtures form “layers” of stuff, and/or may settle upon standing. Solutions do not settle.) 


Contrary to popular belief, solutions are not always liquids. Solutions can be gases, 
liquids, or solids (think: fog, shaving cream, cheese, soda, wood). When a liquid solute 
successfully dissolves in a solvent, they are miscible with each other (they “mix”), like liquid 
cane sugar and water. 
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When a liquid solute doesn’t dissolve in a solvent, they are immiscible (they “don’t mix”) 
like cooking oil and water. If you want to try to force two immiscible liquids to mix you can 
emulsify them into a mixture that doesn’t completely blend together. Most salad dressings are 
emulsified mixtures of oils in water and vinegar. In order for emulsification to happen the 
nonpolar substances clump together; this is what you see when oil droplets form on top of 
water. To clump together they form dispersion forces and minimize their surface area. This is 
why oil droplets are circular; circles have the smallest surface area. Your cell membranes do 
something similar! Soap consists of many fatty acids; their polar heads attract water, and their 
nonpolar tails attract dirt and oil. 

Most solutions we will deal with are those in a liquid state, where the solvent is H,O (i.e., 
aqueous solutions). Solvents can be hydrophobic - water fearing (nonpolar) or hydrophilic - 
water loving (polar). The process of dissolving a solute into a solvent is called dissolution. On 
the submicroscopic level, intermolecular forces break and form in a process called solvation. 


Solvation 


Solvation is a three-step process. Let’s take as our example the solvation of solid sodium 
chloride in water. The sodium ions, chloride ions, and water molecules all have to form a 
cohesive solution, with the solute well dispersed throughout the solvent, so energy changes will 
have to occur in order to make this happen. 


d) Solute particles have to separate. Forces between formula units must break. Then, 
ionic bonds between sodium and chloride ions must break. Breaking any force or 
bond requires an input of energy, so this first step is endothermic. 


a a 

e) Solvent particles separate. Water 

molecules must move away from each a of | 2-5-3, 
other. As in step a), the hydrogen . Qo 


bonds have to break, so this second 
step is endothermic. cr 


ay, Hydrated sodium ion 
om 


Nat 


f) Solute and solvent particles form new 


intermolecular forces — the ion-dipole © 
force - as the solvent surrounds and ase QD x C 


disperses a solute. Forming new e: ©) oO 
* 
3, 


intermolecular forces is exothermic. 


Hydrated chloride ion 
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Here’s the sodium chloride-water solvation process in pictorial form.”* If the solvent is H,O, 
then solvation is referred to as hydration. 


Notice that the placement of water around each ion is very deliberate. Na” has the 
oxygen poles of water molecules immediately facing it. Cl has the hydrogen poles of water 
molecules facing it. When drawing particle diagrams for solvation you MUST reflect this fact 
accurately! 


Solubility and Rates of Dissolution 


The solubility of a substance is the maximum mass of material that will dissolve in a 
given amount of solvent at a given temperature to produce a stable solution. It is a number, 
usually with a unit of g solute / 100 g of solvent and is (yet another) intensive physical property 
of the solute. There are three factors that affect solubility: the nature of the solute and solvent, 
pressure (for gaseous solutes only), and temperature. 


a) Nature of the Solute and Solvent 


In general, like dissolves like. Polar or ionic solutes dissolve in polar solvents. Examples of 
polar solvents include water, alcohols, or any molecule containing —OH groups if the 


hydrocarbon chain attached to it is short. They all can form the same (or similar) 
intermolecular forces, which hold solute together with solvent and keep everything 


solvated. Non-polar solutes dissolve in non-polar solvents Examples of nonpolar solvents 
would be hydrocarbons, especially those with long carbon chains; fats and oils; and gasoline. 


b) Solubility and Pressure for Gaseous Solutes 


The solubility of a gas is higher with increased pressure. Carbonated beverages must be 
bottled at high pressures to ensure a high concentration of carbon dioxide in the liquid. 


Most gases are nonpolar, so high pressure forces the gas to enter the polar solvent. Soda 
“fizzes up” when you pour the soda out because there is less pressure outside the bottle 
than inside. The solubility of the carbon dioxide decreases when you pour the soda into the 
glass; thus, the carbon dioxide moves out of solution and into the atmosphere as gas. 


'3 “File:214 Dissociation of Sodium Chioride | in Water 01. Jpg." 


2013, commons. Wikimedia: ey eT 214 Dissociation_of_Sodium_Chloride_in_Water- “OL jpg. Licensed 
under CC BY 3.0: https://creativecommons.org/licenses/by/3.0/legalcode. 
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Pressure does not affect the solubility of a solid or liquid solute. Pressure affects solubility 
of gases because there are large spaces between the molecules; gases are compressible. 
Adding pressure to a gas in a liquid pushes the gas molecules and water molecules closer 
together. Once the gas molecules are close together, they can form intermolecular forces 
that cause the gas to dissolve in the liquid. However, since most gases are nonpolar, you 
must keep the pressure high to ensure the gas stays dissolved. Solids and liquids are not 
affected by pressure changes since the space between each molecule is negligible. 


c) Solubility and Temperature 


The amount of solid or liquid solute that will dissolve usually increases with increasing 
temperature. An increased temperature means more kinetic energy is available to help 


separate ions from each other and overcome their attractive forces, and dissolve; thus, 
solubility of a solid usually increases (more solid solute dissolves) when the solvent is 
warmer. 


Some solid solutes decrease in solubility as temperature is increased (i.e., ammonium 
nitrate). This is because these solutes, when they dissolve in water, give off heat during the 
dissolving process. Adding more heat, i.e., heating up the solvent, while this is going on, 
forces the formation of more solid, not the dissolving of the original mass of solid. 


The solubility of a gas in water always decreases with increasing temperature. Most gases 
are nonpolar. The (usually) dispersion forces between gas molecules are negligible because 


there is a huge volume of space between them. Their intermolecular forces are weak, and 
don’t form attractive forces well with the solvent (usually water), so they need to absorb 
very little energy to break these forces. Therefore, gas molecules easily escape water. The 
greater the temperature, the greater their kinetic energy, so higher temperatures mean the 
gas escapes from solution even more readily and thus its solubility of the gas decreases. 
This is why soda stays carbonated at cold temperatures (the dissolved gas “stays” in 
solution) and “goes flat” when the soda is warm. A real-life consequence of this is thermal 
pollution — water being returned to its natural source at a higher ambient temperature kills 
aquatic wildlife, as less oxygen can dissolve in warmer water. 


The rate of dissolution is the speed at which a solute dissolves in a solvent. Rate of 
dissolution is NOT the same as solubility. The solubility of salt in 20°C of water is about 35 g 
per 100 g of water. This means that 35 g is the outside limit of solute that can completely 
dissolve in that amount of solvent. However, the rate of dissolution is tied to the time it 
takes for that solute to dissolve. 
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d) Rates of Dissolution and Surface Area 


Increasing surface area of a solid solute increases the rate of dissolution. This is 
accomplished by crushing the solute. A larger surface area allows more solvent molecules 


to surround molecules to surround the solute, allowing more intermolecular forces to form 
per unit of time. Note: this only speeds up the rate of dissolution, not the solubility. Five 
(5) grams of sugar in 1.00 L of water will dissolve faster when the sugar is finely ground 
(obviously) but 5 g of sugar cubes in 1.00 L of water will still dissolve completely — it will just 
take a much longer time. 


e) Rates of Dissolution and Agitation 


Increasing agitation increases the rate of dissolution. This is accomplished by vigorous 
stirring. Stirring will bring fresh solvent molecules into contact with solute so they can form 


more intermolecular forces with each other per unit of time. It will also help speed up the 
movement of both solute and solvent particles. Again, this affects the rate of dissolution, 
not the solubility. 


Classifying Solutions 


Solutions are incredibly diverse, so they can be classified in many ways. We will focus on 
electrical conductivity in this lesson. 


By its ability to conduct electricity — electrolyte or nonelectrolyte, strong or weak electrolyte 


Electrolytes are solutions containing dissolved ions in aqueous solution. Positive and 
negative ions carry current (conduct electricity) in an aqueous solution. For any solution to be 
an electrolyte, the solute, or solutes, must be ionic compounds or acids. Nonpolar and polar 
covalent compounds do not form electrolytes at all. 


Strong electrolytes contain high ion concentrations and conduct electricity very well. 
This is detected by a conductivity tester or by a simple circuit — the lightbulb will glow very 
brightly. Soluble ionic compounds, strong acids (ex. HCl or H,SO,) and strong bases (ex. NaOH) 
are all strong electrolytes. Close to 100% of the solute dissociates (separates) into ions. 
Remember — ionic compounds contain metal and nonmetal ions! 


102 


HCl, HBr, HI, HNO, H,SO,, HCIO,, HCIO, are all strong acids and strong electrolytes. All 
Group | and most Group II metal hydroxides are strong bases and strong electrolytes (except for 
water, Be(OH),, and Mg(OH),). These are the only strong electrolytes that are also acids. All 
other acids (i.e., any other covalent compound whose formula starts with H*) are weak. 


Weak electrolytes contain moderately high ion concentration and conduct electricity 
well. The reading on the tester will be lower, and a lightbulb in the circuit will glow brightly. 
The best examples of weak electrolytes are weak acids (i.e., HC,H;0,, vinegar). 


Weak electrolytes cause the formation of some ions, but far more solute particles 
remain undissociated. All acids and bases, other than the strong ones listed above, are weak. 
HF is a weak acid; therefore, it would be a weak electrolyte. Remember — acids are polar 
covalent compounds whose formulas start with H! 


Nonelectrolytes are solutions containing undissociated solute in aqueous solution. The 
solute remains completely undissociated. Nonelectrolytes are nonpolar or polar covalent 
solutes and are not acids or bases. For example, alcohols (containing —-OH groups) are 
nonelectrolytes. Alcohols are polar and are usually miscible, but they do not dissociate or form 
ions with water. Sugar is another classic example of a nonelectrolyte. While soluble 
nonelectrolytes have partial positive and negative poles (enough for it to dissolve in water) the 
charges are not enough to sustain any current. Remember — covalent compounds contain only 
nonmetals! 


You must have a periodic table close by so you can examine each element in the formula 
for a potential electrolyte. If the first element in the formula comes from a metal cation, and 
the other elements form a nonmetal anion, the formula is for an ionic compound. Therefore, it 
would be a strong electrolyte. If the formula is for a strong acid, it is a strong electrolyte. If the 
formula is for a weak acid, is it a weak electrolyte. Anything nonpolar or polar covalent is a 
nonelectrolyte and will not conduct electricity even though it dissolves in water. 
Nonelectrolytes have formulas that consist of only nonmetal atoms. 


Example: Distinguish between the solutes CH,NH,, CuSO,, HCI and HCO; based on electrical 
conductivity. 


CH,NH, consists only of nonmetal atoms. This solute would be a nonelectrolyte. 
CuSO, has Cu”*, a metal cation, and SO,”, a polyatomic anion. CuSO, is a strong electrolyte. 
HCI has a formula starting with H*. HCl is on the strong acid list, so HCl is a strong electrolyte. 
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H,CO; has a formula starting with H*. This solute is an acid. H,CO, is not on the strong acid list, 
so it is, by default, a weak acid. Therefore, H,CO; is a weak electrolyte. 


The following visual should help you understand electrolyte strength. Our use of the 
term “strong” is paradoxical. Strong electrolytes are strong because they completely “break up” 
into ions in solution. Weak electrolytes and nonelectrolytes struggle to “break up,” but enough 
of the solute breaks up to form a weak current in solution. 
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8.03: Saturation and Solubility Curves 


Learning Objectives: 


(2.E) plan and implement investigative procedures 

(2.H) organize, analyze, evaluate, make inferences, and predict trends from data 

(2.1) communicate valid conclusions supported by the data 

(3.B) communicate and apply scientific information extracted from various sources 

(3.D) evaluate the impact of research on scientific thought, society, and the environment 
(10.A) describe the unique role of water in solutions in terms of polarity 

(10.E) distinguish among types of solutions such as electrolytes and nonelectrolytes 
unsaturated, saturated, and supersaturated solutions, and strong and weak acids and 


bases 


™ Schatz, Phil. “Figure 1.” Electrolytes, philschatz.com/chemistry-book/contents/m51086.html. Licensed under CC 
BY 4.0: https://creativecommons.org/licenses/by/4.0/legalcode. 
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Solutions have a variable (yet homogeneous) composition, so, in addition to classifying 
them by particle size or electrical conductivity, you can classify them by their solubility in water. 
Having a variable composition means a solution can vary in the exact ratio of solute to solvent, 
while having a homogeneous composition means the solute and solvent particles are well 
mixed. Solubility is usually in units of g solute / 100 g solvent, but it can also be expressed as a 
molar solubility (so many moles of solute in mass or liters of solvent or solution). Let’s see how 
we can classify solutions according to their solubility. 


The Saturation Limit; Saturated, Unsaturated and Supersaturated Solutions 


At a specific temperature, there is a limit to how much solute can dissolve in 100 g of 
solvent, usually water. There are only so many water molecules with the right kinetic energy 
available to surround and hydrate solute particles. Once you run out of available water 
molecules, solute stops dissolving. Excess solute will sink to the bottom, undisturbed and solid. 
You can, however, increase this limit by increasing the temperature. Increasing the temperature 
increases the average kinetic energy and makes more water molecules available to hydrate 
solute. 


A solution that has reached its saturation limit at that temperature is a saturated 
solution. There will be undissolved solid sitting on the bottom. At a submicroscopic level, the 
solute particles dissolve and recrystallize at equal rates, and there are no more free water 
molecules available to solvate the solute. If you add more solute to a saturated solution, at 
constant temperature, it will sink to the bottom, undissolved. Saturated solutions are not 
suspensions, so the liquid above the solid will appear clear, not cloudy. If you want to dissolve 
that solid at the bottom, you will have to increase the temperature — after which the solution 
changes classification from saturated to unsaturated. 


Here’s an example. A saturated solution of sodium chloride in water contains 35.7 g of 
solute per 100 g of water at 25°C. This does not mean that it has 35.7 g dissolved in it. Some of 
that solid will be sitting at the bottom. However, the saturation limit at 30°C is 36.1 g/100 g 
water. If you were to take that saturated solution at 25°C and warm it to 30°C that 35.7 g falls 
under the saturation limit for 30°C and ensures that the solid that was previously undissolved, 
will dissolve at the higher temperature. 


An unsaturated solution is a solution containing /ess than the maximum amount of 
solute that will dissolve at a specific temperature. Unsaturated solutions will dissolve more 
solute, but only up to the saturation limit at that temperature. Unsaturated solutions will 
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appear completely clear, and there are plenty of free water molecules available to solvate 
incoming solute. 


A supersaturated solution is a solution prepared at an elevated temperature and then 
slowly cooled. It contains more than the usual maximum amount of solution dissolved at that 
temperature; in other words, its content is above the saturation limit, and that is what makes 
these solutions unstable. A supersaturated solution is thick and clear. The addition of a “seed 
crystal’, i.e., a small inert crystal, will cause all excess solute to crystallize out of the unstable 
solution. During crystallization, a crystal appears to grow in the container. The remaining liquid 
will eventually form a saturated solution (with crystal at the bottom). 


To make a supersaturated solution, first determine the mass of solute you need the 
solution to contain, warm it to a temperature high enough to dissolve it all, and then very slowly 
cool it. If the solution is cooled too quickly, or if you disturb it with a seed crystal or by moving 
the container, crystallization will occur, and you have to start over again by warming it to 
dissolve the crystals. To see crystallization in a supersaturated sodium acetate solution, check 
out this YouTube video: https://bit.ly/supersathotice. 


Solubility Curves 


One way to distinguish between saturated, supersaturated, and unsaturated solutions is 
by interpreting a solubility curve. Here is a simple solubility curve for one solute, and the areas 
for the graph that indicate the three different classifications of solution: saturated, unsaturated, 
and supersaturated. 


Supersaturated (all points 
above the line) 
Saturated (all 


points on the 
line) 


Unsaturated (all points under the line) 


Solubility (g solute / 100 g solvent) 


Temperature (°C) 
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Here are some points about solubility curves in general. 


e The solubility of most solids increases with temperature. (That is, more mass dissolves 
successfully at higher temperatures.) This is only true if the enthalpy of solvation is 
positive — that is, if dissolving in water is an endothermic process. For most solutes, 
adding more kinetic energy breaks more intermolecular forces and chemical bonds. 


e Some solids and most gases will have decreasing solubility curves with temperature. 
Giving gas molecules more kinetic energy will cause them to escape their intermolecular 
forces with the solvent, even if they are polar. 


e Solubility is a statement of content. It does not mean that the mass of solute is all 
dissolved. It means that solution contains that mass unless it states otherwise. Some of 
it may be dissolved and some of it may be sitting on the bottom (if it is saturated). 


8.04: Colligative Properties 


Learning Objectives: 


e@ (2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, 

e (3.B) communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials 

e (4.B) identify extensive properties and intensive properties 


Colligative Properties 


Making ice cream and salting icy roads is a matter of chemistry. Salt lowers the 
temperature at which a salt solution will freeze. A liquid ice cream mixture will not freeze at 
0°C, so we add salt to the ice to ensure everything in the mixture will freeze properly at a 
sub-zero temperature. Since a salt-water solution will be liquid at 0°C, we add salt to winter 
roads to try to prevent freezing at whatever temperature it is outside. In both cases, the ice 
cream and the roads would freeze at temperatures well below 0°C. This is a phenomenon 
called freezing point depression. 


Most solutions exhibit colligative properties, such as freezing point depression. 
Colligative properties are properties that depend only on the number of dissolved solute 


107 


particles. For instance, in freezing point depression, the difference between 0°C and the new 
freezing point varies depending on how many solute particles are present. In this lesson we will 
focus on just two of these properties: freezing point depression and boiling point elevation. 


The identity of the solute, i.e., NaCl (, or Cy2H,,0,, (), does not affect the property at all. 
What does matter is whether the solute is an electrolyte or a nonelectrolyte. One mole of 
electrolytes dissociates into two or more moles of ions, which in turn increase the number of 
solute particles present and make the temperature depression (or elevation) even larger. More 
ions equal greater temperature change. Nonelectrolytes dissolve fully in the solvent, but they 
will not dissociate. 


Vapor Pressure and Colligative Properties 


Before we begin to understand why temperature depression and elevation are real, let’s 
look at another colligative property, vapor pressure. We will not do any calculations involving 
vapor pressure. However, it is important that you understand vapor pressure first. 


Vapor pressure is the pressure of the gas hanging just above a liquid when the rates of 
vaporization and condensation are equal. Let’s use water as an example. When these two rates 
are equal, one water molecule vaporizes and one water molecule condenses, taking the exact 
same amount of time to do so. This keeps the vapor pressure of the liquid constant. However, 
this changes when you dissolve a solute, like salt, in the water. It’s been observed that the 
vapor pressure above a solution will always be ower than the vapor pressure above a pure 
solvent. This visual should help you understand what is going on at the particle level. *° 
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Your knowledge of intermolecular forces will be very handy here. Pure water contains 
only hydrogen bonds. The inclusion of a solute in water requires the formation of new 


5 “Figure 1.” 11-4 Colligative Properties, Rice University, 
opentextbc.ca/chemistry/chapter/11-4-colligative-properties/. Licensed under CC BY 4.0: 
https://creativecommons.org/licenses/by/4.0/legalcode. 
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intermolecular forces and an input of energy to accompany them (since this will be an 


endothermic process). To successfully make salt water you need ion-dipole forces to form, 


which have a different energy requirement. Since some water molecules will be busy solvating 


the solute, fewer water molecules can escape the liquid to vaporize, meaning that fewer water 


molecules will condense back into the liquid. 
Freezing Point Depression"® 


For liquid water to freeze, you must decrease 
the kinetic and potential energy to make the water 
molecules form a rigid lattice. The ice molecules vibrate 
in place (as opposed to flowing around) and the 
intermolecular forces will be stronger. In a solution, we 
must make the solute and the solvent particles freeze, 
which requires an even greater loss in energy. The 
solution also contains more water molecules than it did 
when it was a pure solvent, meaning even more energy 
must be lost to freeze it. Therefore, the freezing point 
of the solution will be lower than water. 


Boiling Point Elevation 


Water Salt Mixture 


Water vapor molecules move much faster than liquid molecules, so first they need 


enough kinetic energy to escape the liquid. Making water boil involves the added complication 


of vapor pressure. Atmospheric pressure “pushes down” on the vapor. When you boil water, 


you are energizing the liquid and the vapor above the liquid. As you heat, the vapor pressure 


will rise; more and more water molecules are vaporizing as kinetic energy increases. Eventually, 


the vapor pressure will be equal to the atmospheric pressure, and it is at this point that bubbles 


form. The temperature at which this occurs is the boiling point.”’ 
Evaporation 
Altitude affects boiling point, 
since there are much fewer particles 
present in the atmosphere. This is why 
high-altitude climbers must carry their 


He Vitz, Ed, et al. “Water-Salt Mixture.” 10.24: Boilin 
2019, Licensed under CC BY-NC-SA 3.0 US: f 
” Bewick, Sharon et al. “Figure 13.10.1.” 13.10: Boil 
https://creativecommons.org/licenses/by-n¢ 
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Vapor Pressure = Atmospheric Pressure 
Bubbles can form and rise 


109 


own oxygen. Since atmospheric pressure is lower at high altitudes, less kinetic and potential 
energy is needed to boil water. Therefore, the boiling point of water at high altitudes is lower 
than 100°C. Another way to put this is that water wil/ boil at high altitudes, but the boiling point 
of the water will be cooler than you think it is. 


Boiling points elevate when a solute dissolves in water. Adding more solute particles 
increases the total number of particles present in the solution. This increases the energy 
requirement for making the water molecules move fast enough to boil. It takes more energy to 
“motivate” more water molecules and vaporize enough of them to raise the vapor pressure. To 
further complicate matters, some water molecules are already solvating solute particles. Think 
of the solute particles being “in the way” of the water molecules as the water molecules are 
attempting to increase their energy. Therefore, you must add more energy to make a salt 
solution boil and that temperature will be higher than that of pure water. 


Molality and Colligative Properties Calculations 


The molality of a solution is an expression of concentration. It is the number of moles of 
solute per kilogram of solvent (in our case, water). Since moles are an expression of the 
number of solute particles, the higher the molality, the greater the change in temperature. To 
obtain the molality of a solution, simply divide the number of moles of solute by the number of 
kilograms of water. The unit of molality ism, molal, or mol/kg solvent. 


Example: Calculate the molality of a benzene (C,H,) solution containing 15.0 g of benzene 
dissolved in 500. g of water. 


1 mole C_H 
6 6 


781149 = 0.192027 moles 


# moles of solute = 15.0 g C,H, x 


0.192027 moles C_H 


ity. = 
Molality = Sheaves = 0.384 _m 


The formulas for freezing point depression and boiling point elevation are virtually 
identical. They each contain a constant: K;, the freezing point depression constant, or K,, the 
boiling point depression constant. Different solvents have different K;and K, values, but again, 
we are only using water as our solvent. We will always provide you with the K; and K, values 
you need. However, we do expect that you will know, without reminding, that the freezing 
point of water is O°C and the boiling point of water is 100°C. We also expect that you will 
memorize these simple formulas. 
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m = molality 
Freezing point depression = AT, =m x K; 


K for water = 1.86 °C/m 


Boiling point elevation = AT, =m x K, 


K, for water = 0.512 °C /m 


Example: Calculate the boiling point elevation and the boiling point of a glucose solution 
containing 55.8 g glucose (C;H,,0,) in 455 g of water. 


First, calculate the molality since it isn’t given to you: 


1 mole 
# moles glucose _ (65.8 9 CHO, x 180.1569) 


kg of water 0.455 kg = 0.6807 m 


Molality = 


Substitute molality and K, into the formula for AT: AT, =mxkK, 


= 0.6807 m x 0.512°C/m 
= 0.348°C (boiling point elevation) 


The boiling point of the glucose solution will be: 100°C + 0.348°C = 100.348°C. 


The boiling point of water is a constant, so it is appropriate to ignore its sig figs. Just report the 
exact, new, boiling or freezing point. 


Example: Calculate the molar mass of a compound if 17.5 g of the compound in 100.0 g of 
water has a freezing point of — 1.8°C. 


Start with the freezing point of the solution: it’s — 1.8°C, so that means Ar. is 1.8°C. (The 


freezing point of pure water is 0°C.) 


Solve for molality: AT =m x K;, so, when rearranged, the formula is m = ——. 


BP URE) 


m= 
Ke 186° 
m 


= 0.9677 m, or 0.9677 mol/kg water 


Molar mass has units of g / mol. You already have grams (it’s 17.5 g) so you need to calculate 
for moles. Rearrange the molality formula to be able to calculate moles: 
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Moles =m x kg water 
= 0.9677 m x 0.1000 kg 
= 0.09677 moles 


To obtain the molar mass, divide the mass of the compound by 0.09677 moles: 


7 17.59 _ 
Molar mass = So5es7 moles = 180 g/mol 


Up until this point, you may have noticed that all the solutes are covalent, containing 
only nonmetal atoms bound in molecules. For ionic, electrolyte solutes, such as sodium 
chloride, the formulas are slightly different to account for the number of moles of ions dissolved 
per mole of electrolyte. For example, one mole of sodium chloride, NaCl ,,, produces two moles 
of Na* and Cl ions. For solutes such as sodium chloride, the formula for freezing point 
depression is: 


Freezing point depression = AT =2 x mxk; 


For a solute like CaCl,, which produces three moles of ions per mole of electrolyte, the formula 
would be AT =3xmxk; The boiling point elevation formulas follow a similar trend. All other 


factors (molality, the constants) are the same. On the other hand, nonelectrolytes are (usually) 
covalent, and resist dissociation. From now on, before starting a colligative properties problem, 
consider whether the solute is an (ionic) electrolyte or a (covalent) nonelectrolyte. 


8.05: Molarity and Dilution; Solution Stoichiometry 


Learning Objectives: 


(2.E) plan and implement investigative procedures 
(2.G) express and manipulate chemical quantities using scientific conventions and 
mathematical procedures 
(3.B) communicate and apply scientific information extracted from various sources 
(8.A) define and use the concept of a mole; 

e (8.B) calculate the number of atoms or molecules in a sample of material using 
Avogadro’s number 
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e (8.G) perform stoichiometric calculations, including determination of mass and gas 
volume relationships between reactants and products and percent yield 
(10.C) calculate the concentration of solutions in units of molarity 
(10.D) calculate the dilutions of solutions using molarity 


The Meaning of “Molarity” 


Out in the “real world” we express the concentration of a solution in terms of what we 
perceive as strength. We say things like “the coffee is so strong” or “this juice tastes weak” to 
mean that the coffee or juice doesn’t contain the level of flavor — or the concentration - we 
desire. In chemistry, we do not use the terms “strong” and “weak” in this way. Instead, to 
indicate the level of solute present in a solution, we use the term molarity. 


In chemistry, molarity is the number of solute particles dissolved. expressed as moles, 
per liter of solution. The solution includes both the solute and the solvent, which are well 
mixed with each other. Molarity is a ratio. If a solution is colored and concentrated (has a high 
molarity) it will appear darker than a solution that is colored and dilute (has a low molarity). 


(By the way, you have encountered concentration before, albeit with a different unit. 
Back in our discussion of colligative properties you encountered the concept of molality, which 
is like the concept of molarity.) 


Solution concentration is not solid, liquid or gas density. Density is usually expressed in 
terms of g/cm’, g/mL, kg/L, and the like. The difference between concentration and density is 
that in a solution you have at least two components, the solute and the solvent, and the 
molarity of the solution is variable. For example, you can make different aqueous sugar 
solutions of varying molarity, but they all contain sugar and water - just in different proportions. 
Solution concentration is an extensive physical property. The molarity of a solution ultimately 
relies upon the number of atoms, ions, or formula units dissolved in it. However, the density of 
a pure substance — a solid, pure liquid, or pure gas - is a constant value, and is thus an intensive 
property. 


Practically speaking, you can increase the molarity of a solution (or make it more 
concentrated) by: 


e Adding more solute to the solution and dissolving it — if the temperature is high enough 
(once the saturation limit is reached it will stop dissolving solute) 
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e Decreasing the volume of the solution — not by pouring out some of the sample (the ratio 
of solute to solution volume would remain constant) but by removing some of the solvent. 
This is best done by evaporating the solvent out. 


Molarity changes with temperature because volume is in the denominator of the 
molarity formula (see below) and the volume of a solution can expand or contract in response 
to temperature changes. 


Besides molarity and molality, you have already learned about mole fraction back in the 
gases unit (moles of one component per total moles of all components). Percent by mass and 
percent by volume are still used in labs and in grocery store items (vinegar is “5% acidity”). 


Concentration Calculations 


Relevant formulas: 


Percent by Mass 0 — ___masssolute 199 (percent by volume is similar) 


mass solute + mass solvent 


mol solute 


Molarity **changes w/ temp 


~ liters solution 


Dilution M.V,= MV, # moles solute — # moles = M x Vin L 


Density of solution — If given the volume and density, mass of solute = volume x density 
Relevant example problems will appear immediately before that section. 


Example (Percent by mass): 30.0 g of potassium chloride is dissolved completely in 150.0 g of 
pure water. What is the percent by mass of solute in this solution? 


Sometimes the problem will give you the mass of the solution right away, but sometimes it 
won’t! Read these questions *very* carefully. The solute and solvent together is the solution; 
so the mass of the solution = mass solute + mass solvent. 


30.0 g potassium chloride 
0) ee ee of — 0) 
% by mass of solute (30.0 g potassium chloride+150.0 g water) 100% = 16.7% 


Example: A solution with a density of 0.876 g/mL contains 10.0 g of toluene (C,H) and 290.0 g 
of benzene. Calculate the molarity of toluene in the solution. 
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The total mass of the solution is 300.0 g. You can use density as a conversion factor to 
determine the total volume of the solution. 


1mL 


Volume of solution = 300.0 g x Fi 342.46 mL, or 0.34246 L. 


0.876 


To calculate the molarity of the solution, you also need to know the # moles of toluene. (The 
benzene is the solvent because it comprises the majority of the solution.) The molar mass of 
toluene is 92.141 g/mol. 


zn 1lmol _ 
# moles of toluene = 10.0 g x 2I41g = 0.10853 moles 
The molarity of this toluene solution is 010853 moles _ 0.317 M. 


0.34246 L 


Example: Calculate the molarity of copper (II) chloride in a solution containing 50.0 g of copper 
(Il) chloride in 500.0 mL of solution. Then, calculate the molarity of copper (II) ion and chloride 
ion. 


Copper (II) chloride is CuCl,. You have the mass of CuCl,, but not the number of moles. Once 
you have the # of moles, divide that by the total volume of solution in L. The molarity of the 
individual ions depends on their dissociation. 


1 mole CuCl, 


# moles CuCl, = 50.0 g CuCl, x "4446 g CuCl, 


= 0.37190 moles CuCl, 


0.37190 moles CuCl, 


Molarity of CuCl, = ~OS000L Solution 


= 0.744 M (the unit of molarity is M, or mol/L) 


To calculate the molarity of the ions, first write a dissociation equation. The dissociation 
equation for CuCl, (aq) iS: 


2+ - 
CUCI, (aq) CUM faq) + 2 CF faa) 


For every mole of CuCl, (4) there will be one mole of Cu (.,) and two moles of CI’ (.4) dissolved in 
the solution. Since volume is constant, use those ratios to determine the molarity of each ion, 
as if they were moles. 
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Molarity of Cu** |,,)= 0.744 M x 1=0.744M 


(aq) ~ 


Molarity of Cl’ (.4)= 0.744 M x 2=1.49M 
Example: Calculate the mass of calcium nitrate required to make 500.0 mL of a 0.150 M 
solution. 


The formula we will use here is: # moles solute = molarity (M) x volume in L. Once we have the 
# of moles, we can multiply it by the molar mass of calcium nitrate. 


# moles solute = 0.150 M x 0.5000 L = 0.07500 moles calcium nitrate (which is Ca(NO,),). 


164.088 g Ca(NO,) 
—_ 2 _— 
Mass of solute = 0.07500 moles Ca(NOs3), (.) x —Traole Galwo,)_ = 12.3 g 


2 
Preparing Molar Solutions 


Preparing molar solutions is a lab technique that is very common in industry. For 
example, medications must be of specific concentrations (or standard concentrations) at a 
dosage level that is effective but also minimizes side effects. 


While we won’t be mixing up any medications, we will learn how to make solutions of a 
specific molarity from solid solute. An added complication to this procedure is that many 
chemicals come to us in hydrate form, not in anhydrous form. Recall that hydrates are ionic 
compounds that also contain trapped water molecules within its crystal structure. When 
calculating the mass of solid, hydrated solute you need, you must take the mass of the water 
into account when you work out its molar mass. 


Steps in preparing a standard solution: 


Calculate the mass of solid solute required. (# moles = M x Vin L, then convert to mass.) 
Weigh out the mass of solute required on an electronic balance. 

Add a small amount of distilled HO to a volumetric flask for the volume you need. 

Add the solute to H,O in flask. Wet the inside walls so all solid lands at the bottom. 
Swirl/swish to dissolve all the solid or use a glass stirring rod if there is enough room in the 
flask. 

Add distilled water to just before the mark/line. 


oh oe ween 


OD 


Use a dropper/plastic pipette to add drops of water up to the mark; add stopper. 
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The order of “water, then solute, then water” steps is very important. Solid, undissolved 
solute takes up space inside the volumetric flask. A little water must be present first to facilitate 
dissolving the solid. Dissolve the solid in that bit of water first and then add more water to fully 
dissolve the solid before adding water up to the mark on the neck of the flask. It goes without 
saying that doing the stirring step is critical as well. Take your time in making the solution and 
you will be fine. 


Dilution and Dilution Calculations 


In dilution, you are adding solvent (in our case, water) to a prepared molar solution to 
decrease its molarity. In essence you are “watering (the solution) down.” If you have ever 
made juice from grocery store canned juice “concentrates”, you are familiar with the basic 
process. 


Dilution is a practical way to make a new solution. Solid chemicals can be very 
expensive, so if you already have a prepared solution, simply add water to it to get another 
solution of a desired (lower) concentration. This is much cheaper than purchasing all your 
solutions pre-made. Before you set out to make the new (dilute) solution, you first need to 
calculate the exact volume of water to add to the more concentrated solution. 


The dilution formula is M,V, = M,V>. Mis molarity, and V is volume; “1” refers to the 
concentrated solution (before adding more water) and “2” refers to the diluted solution, after 
additional water was added. If the two volumes are of the same unit, the unit itself is not 
critical. The formula is written this way because the number of moles of solute does *not* 
change when you add water to a prepared solution. Therefore, the number of moles of solute 
before and after the addition of water is a constant, and molarity times volume equals the 
number of moles. However, this relationship only holds true if you are adding water to the 
solution. If you are mixing two solutions of the same solute together, you will need to use the 
molarity relationship. 


Note that this formula is eerily like Boyle’s Law from our gases unit. Molarity and 
volume have an indirect relationship, as the volume of the solution increases, the molarity 
decreases. If you double the volume of a solution, the molarity of that solution decreases by a 
factor of 2 (that is, it halves). If you dilute two prepared solutions in each other, the molarity of 
the final mixture will be somewhere between the two initial concentrations. The proportions of 
the volumes do matter. If the proportions are equal, then expect the resulting molarity to be an 
average. 
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Here are several examples of dilution calculations. 


Example: Calculate the concentration of a solution prepared by mixing 500.0 mL of 1.00 M NaCl 
with 200.0 mL of water. 


Since you are adding water to dilute the solution, use the dilution formula. We are seeking M,. 
The total volume after mixing in the water is V,. Therefore, V, is 500.0 + 200.0 = 700.0 mL 
water. V, is not 200.0 mL! 


MV; = M.V,, so: (1.00 M NaCl)(500.0 mL) = (M,) (700.0 mL) 


_ (1.00 M NaCD( 500.0 mL) _ 
Mz = ogo) = 0-714 M 


The molarity should decrease (get less concentrated) after adding water. Also, note that if the 
volume unit is the same, the volume units used don’t have to be L. 


Example: How much water do you need to add to 150.0 mL of a 2.0 M solution of NaCl to make 
its new concentration 0.750 M? 


You have V, (150.0 mL), M, (2.0 M) and M, (0.750 M). Solve for V;. V, will be the total volume 
of the new solution, including the water. Once you have V;, subtract V, from it to get the water. 


M.V;=M,V,, $0: (2.0 M) (150.0 mL) = (0.750 M) (V,) 


_ (2.0 M)(150.0 mL) _ 
V2= 0750 M) = 400.0 mL 


The water you need to add to make V, would be: 400.0 mL — 150.0 mL = 250.0 mL. 


Example: Calculate the concentration of a solution prepared by mixing equal volumes of 1.0 M 
NaCl and 5.0 M NaCl. 


If the volumes are equal, it doesn’t matter what volume you use. Pretend you have 1.0 L of 
each solution. Therefore, the total volume, after mixing, is 2.0 L. We cannot use the dilution 
formula here because we are mixing two solutions together, not a solution and water. Use the 
molarity formula instead. We will need to calculate the total number of moles of solute first. 
Once we have that, we can divide by the total volume (2.0 L). 


118 


# moles of solute = (M of 1% solution)(V of 1% solution) + (M of 2" solution)(V of 2"? solution) 
= (1.0 M)(1.0 L) + (5.0 M)(1.0 L) 
= 6.0 moles solute 


# moles solute _ 6.0 moles 
volume of solutioninL ~ = 2.0L 


Molarity of solution after mixing = =3.0M 


Note that 3.0 M is exactly in the middle between 1.0 M and 5.0 M. In other words, the resulting 
molarity is an average of the two starting molarities. You can average the two molarities if you 
know for sure that the two starting volumes are equal. \f the starting volumes are not equal, 
you will have to use the longer method shown above. 


Preparing a Diluted Solution 


Just as with preparing a standard solution, preparing a diluted solution from a standard 
(or Stock) solution requires that you do some calculations first and take care while preparing 
the solution itself. 


If the Stock solution is made from anything other than a strong acid, you will need to 
calculate the volume of the Stock solution required, add that volume to a new volumetric flask 
using a pipet, a buret or a graduated cylinder, then add more water up until the mark on the 
neck of the flask and stir/mix well. 


For diluting a strong acid, add a little water to the volumetric flask before adding the 
chemical. Intermolecular forces between strong acid molecules are very strong, so adding 
water interrupts those intermolecular forces. A /ot of energy is released. Besides becoming 
very hot to the touch, the acid can splash on the unfortunate person doing the mixing. For 


diluting strong acids, add a little water to the dry flask first BEFORE pipetting in the volume of 
Stock acid you need. Always wear safety goggles or chemical splash goggles! 


Steps in preparing a dilute solution (for non-acids) 


1. Calculate V,, given M, (required molarity), V, (required volume), and M, (Stock molarity). V, 
is the volume of Stock solution you need to use. 

Measure out V, using a volumetric pipet, buret or graduated cylinder. 

Add V, to the beaker or volumetric flask that matches V3. 

Add distilled water to beaker or flask containing V, to just before the mark. Stir/mix. 


Woe Ww N 


Use a dropper to add drops of water up to the mark; add stopper. 


119 


Again, for strong acids, switch steps 3 and 4 and only add a little water to the flask before 
adding the measured out V,. 


Solution Stoichiometry 


In solution stoichiometry (including acid-base stoichiometry), if you know the molarity 
and volume of a reactant or product in aqueous solution, you can calculate how many moles of 
solute are contained in it. 

# moles = molarity (in M) x volume (in L) 


From there you can calculate the # of moles or molarity of any other reactant or product in the 
chemical reaction. If precipitation occurs, you can calculate and predict the mass of precipitate 
that should be recovered. 


Example: 150. mL of 0.100 M copper (II) nitrate solution is mixed with 200.mL of 1.00 M sodium 
hydroxide solution. What is the theoretical yield of the precipitate? What is the molarity of 
excess reactant left over? 


First, write a balanced chemical equation for this reaction. Use the solubility rules to determine 
the state signifier for the products and the identity of the precipitate. The chemical equation is: 


Cu(NO3)9 (aq) + 2 NaOH (4,4) L) 2 NANO3 (aq) + Cu(OH), () 


Calculate the # of moles of available reactant. By using the formula above, you can determine 
that there are (0.150 L)(0.100 M) = 0.0150 moles of copper (II) nitrate and (0.200 L)(1.00 M) = 
0.200 moles of sodium hydroxide available before the two solutions are mixed together. 


This is a limiting/excess reactant situation. It is easy to tell that the copper (Il) nitrate will be 
used up first, since 0.0150 moles of copper (II) nitrate only requires 0.0300 moles of sodium 
hydroxide to react completely. (You have much more than 0.0300 moles sodium hydroxide 
available.) Therefore, the copper (II) nitrate is the limiting reactant. 


Calculate the mass of copper (II) hydroxide precipitate that will be formed, using the copper (II) 
nitrate data. This will be the theoretical yield of the precipitate. 


1 mole Cu(OH)2 97.56 g Cu(OH)2 _ 
0.0150 moles Cu(NOs)2iaq) * mole cu(vo3)2 * ~Imole Cu(OH)2 ~ 1:46 8 CU(OH) 24s 
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To determine the molarity of the excess reactant left over, realize that some of the sodium 
hydroxide was used up by reacting with the copper (II) nitrate. The # of moles of sodium 
hydroxide remaining is: 


0.200 moles sodium hydroxide available — 0.0300 moles used up = 0.170 moles left over 


To determine its new molarity, realize that the volumes add up together when the two solutions 
are mixed. The new volume is 0.350 L. Therefore, the new molarity of the sodium hydroxide 
after precipitation is: 


0.170 moles sodium hydroxide 
0.350 L total volume 


= 0.486 M sodium hydroxide 

By the way, the molarity of copper (II) nitrate after precipitation is 0, since all of it was used up 
by the reaction. And, since you end up forming a heterogeneous solution (precipitate at the 
bottom, supernatant at the top) you’d use filtration to separate its components and recover the 
precipitate. 


8.07: Beer’s Law and Spectrophotometry 


Learning Objectives: 


e (2.H) organize, analyze, evaluate, make inferences, and predict trends from data; 

e (2.1) communicate valid conclusions supported by the data; 

e (3.B) communicate and apply scientific information extracted from various sources; 
e (10.C) calculate the concentration of solutions in units of molarity 


Absorbance, Transmittance, and Spectrophotometry 


When a powdered red drink mix is added to water, it forms a colored solution. To your 
eyes, it appears red, because red light is reflected back to your eyes. All other wavelengths of 
light are absorbed by the red drink. More drink mix added to the water forms a darker, and 
more concentrated, solution. 


If you shine a light beam of one specific wavelength through a container of red drink 
solution (called incident light), some will be absorbed by the solute and some will be 
transmitted out of the sample container on the opposite side of the light beam. The degree to 
which that colored solution absorbs light - absorbance - is directly proportional to its 
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concentration. Transmittance is a measure of how much light escapes out of the colored drink 
solution. 


Absorbance and transmittance are opposites. For example, a very dark red solution will 
have a high absorbance and a low transmittance. A clear, colorless solution will have little or no 
absorbance and a high transmittance, because almost all the light shining through the solution 
container will escape out the other side of the container. A device called a spectrophotometer 
directs this light beam of one wavelength through the sample and detects the light that is 
transmitted out of it as a percentage (percent transmittance, or %T). From that it determines 
the absorbance of the solution, given as a decimal, without units. 


A colored solution 


Incident light of 
one specific 
wavelength 


——___> 


————__ > ——___> Some of the 
—___» incident light is 
> a transmitted 


—_—_——_» 


Light is 
absorbed 
by solute 


A spectrophotometer is a device designed to determine the wavelengths of light that a 
substance absorbs. A spectrophotometer has seven main components: a light source, a lens, a 
prism, a wavelength selector (slit), a cuvette for holding the sample, a photoelectric detector, 
and a digital display or a meter. Spectrophotometers vary in the range of light they specialize in 
(for example, IR) but we will confine our discussions only to the use of visible light. 
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Collimator Wavelength Selector Detector 
(Lens) (Slit) (Photocell) 


= = 
Tt 
Digital Display 
Light source Monochromator Sample or Meter 
(Prism or Grating) Solution 
(in Cuvette) 
Figure 1: Basic structure of spectrophotometers (illustrated by Heesung Shim) 18 


When an aqueous sample is placed in the light path of a spectrophotometer, the sample 
may absorb all the light, some of the light, or no light at all. We select a wavelength for the 
spectrophotometer that is absorbed very well by the solute particles in the sample. The 
spectrophotometer then detects the photons that are transmitted out of the sample and 
translates all this data into an absorbance reading. 


The number of photons that goes through the cuvette and into the detector is 
dependent on the length of the cuvette and the concentration of the sample. Once you know 
the intensity of light after it passes through the cuvette, you can relate it to transmittance (T). 
Transmittance is the fraction of light that passes through the sample. This can be calculated 
using the formula: 


1 
Transmittance (T) = = 


oO 


Where /, is the light intensity after the beam of light passes through the cuvette, and /, is the 
light intensity before the beam of light passes through the cuvette. Transmittance (as a 
decimal) is related to absorption by the expression: 


1 
Absorbance (A) = - log (T) = - log rs 


18 « 


Figure 1.” Spectrophotometry, LibreTexts, 2019, 
chem.libretexts.org/Bookshelves/Physical_and_Theoretical_Chemistry_Textbook_Maps/Supplemental_Modul 
es_(Physical_and_Theoretical_Chemistry) /Kinetics/Reaction_Rates/Experimental_Determination_of_Kinetcs/ 
Spectrophotometry. Licensed under CC BY NC SA 3.0: 
https://creativecommons.org/licenses/by-nc-sa/3.0/us/legalcode. 
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Where absorbance stands for the amount of photons that is absorbed. With the amount of 
absorbance known from the above formula, you can determine the unknown concentration of 
the sample by using the Beer-Lambert Law. 


Beer-Lambert Law 


Beer-Lambert Law (also known as Beer's Law) states that there is a linear relationship 
between the absorbance and the concentration of a sample. For this reason, Beer's Law can 
only be applied when there is a linear relationship. Beer's Law is written as: 


A=elc 
Where: 
e Ais the measure of absorbance (no units), 
e €is the molar extinction coefficient or molar absorptivity (or absorption coefficient), 
e /is the path length (typically the thickness of the cuvette) and 
e cis the concentration, or the molarity, in mol/L. 


The molar extinction coefficient (or absorption coefficient) is a constant and varies for 
each molecule, because molecules absorb light at different energies and with different 
efficiencies, depending on the number and type of bonds present. Path length is a factor 
because if the path length is large, there will be more molecules available in that path to 
interact with the light. As you increase the number of molecules (i.e., increase the 
concentration), you also increase the number of light photons absorbed by the solution. 


Since absorbance does not carry any units, the units for € must cancel out the units of 
length and concentration. As a result, € has the units: L-mol*-cm*™ (or L/mol x cm). The path 
length is measured in centimeters. Because a standard spectrophotometer uses a cuvette that 
is 1 cm in width, / is always assumed to be 1 cm. 


Example: Guanosine has a maximum absorbance of 275 nm. €375 = 8400 mol‘cm™ and the path 
length is 1 cm. Using a spectrophotometer, you find that the A,,, = 0.70. What is the 
concentration of guanosine? 


A = €lc, so to determine c, rearrange the formula and substitute in all the given values: 


A (0.70) 


c=—= 


€l (8400 mol ‘cm ' x1 cm) 


=8.3x10°M 


It is very normal to get small values for concentration. 
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Determining Concentration from Absorbance using a Calibration Curve 


In order to determine the concentration of an unknown, colored solution you will need 
something to compare it against. We will create a set of standard solutions, each with a known 
concentration and obtain the absorbance of each of those solutions in a spectrophotometer. 
We will then graph absorbance versus concentration to obtain a graph called a calibration 
curve, or a standard curve. The equation of that graph can then be used to determine the 


concentration of the unknown solution. 


If you were careful in making the standard solutions you will produce a straight, 
increasing line with a (0,0) points, since no concentration means no absorbance. Below is an 
example of a calibration curve. If you wanted to determine the concentration of an unknown 
with a certain absorbance, you could read off the graph to determine the approximate 


concentration from its x-value. 


Absorbance vs. Concentration 


0.7 y= 1.15x+0.0121,. 
— @ 
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Concentration (M) 


A more precise way to determine concentration is to use the equation of the line. The 
linear regression of the calibration curve data in the graph above shows that the equation of the 
line is y=1.15x + 0.0121. “y” is the absorbance and “x” is the concentration. Substitute your 
chosen absorbance in for y in the equation and you obtain a concentration of 0.39 M. Both 
Microsoft Excel and Google Sheets will graph calibration curve data for you and help you obtain 


the equation of the line. 


Do not forget that (0,0) is always a point. In a lab situation we must account for the 
(very small) contribution of plain distilled water to the absorbance of a colored solution, so we 
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calibrate the spectrophotometer with distilled water and set this equal to 0. In this way the 
absorption effect of the water molecules is “blanked out” or canceled out. We call this water 
sample a blank. This sample in essence represents the (0, 0) point; water has 0 absorbance and 
100% transmittance. 


8.08: Properties and Theories of Acids and Bases 


Learning Objectives: 


e (7.B) Write the chemical formula of ionic compounds containing representative elements, 
transition metals, and common polyatomic ions, covalent compounds, and acids and bases. 
(8.E) Write and balance chemical equations using the law of conservation of mass. 

(10.E) Distinguish among types of solutions such as electrolytes and nonelectrolytes; 
unsaturated, saturated, and supersaturated solutions; and strong and weak acids and bases. 

e (10.G) Define acids and bases and distinguish between Arrhenius and Br¢énsted-Lowry 
definitions and predict products in acid-base reactions that form water. 


Properties of Acids and Bases 


You have probably learned the properties of acids and bases in previous classes. Acids 
taste sour, turn blue litmus paper red, react well with metals, and have very low pH values. 
Bases taste bitter, feel slippery, turn red litmus paper blue, and have very high pH values. 


It’s very common to categorize acids and bases by their pH level. “pH”, or 
“potency of hydrogen”, reflects the concentration of hydrogen ions in aqueous 
solution, which we now know is called molarity. The higher the pH value, the Jower 
the hydrogen ion concentration. For example, if you look at the figure to the right, 
you will see a pH of 9 means a higher concentration of hydroxide (OH) ions 
resulting in a basic solution. Because concentration (molarity) is an intensive 


physical property, pH is also intensive. A solution with a pH level between O and 7 
is acidic, and if the pH level is between 7 to 14, it is basic. See the figure below for 
an illustration of the pH scale. [H+] 
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1 2 3 4 5 6 7 8 9 10 11 12 13 14 
13 12 11 10 9 8 7 6 5 4 3 2 1 0 
Acids and bases both contain hydrogen ions and hydroxide ions, but acids contain higher 
molarities of hydrogen ions (left hand side of the graphic), and bases contain higher molarities 
of hydroxide ions (right hand side of the graphic). A neutral solution has equal concentrations 
of hydrogen and hydroxide ions in solution and a pH of 7. Acids and bases neutralize each other, 


if they are mixed, and form a water and salt (ionic compounds) solution with a pH that is closer 
to 7. 


0 


14 


pOH 
pH 


Both acids and bases are electrolytic. Strong acids and bases are strong electrolytes, and 
weak acids and bases are weak electrolytes. Strength does not mean high concentration. You 
can have a concentrated weak acid, or a dilute strong acid. “Concentrated” and “dilute” are 
references to high molarity and low molarity. “Strong” and “weak” are references to how well 
the acids and bases dissociate. 


Strong acids and bases are strong electrolytes because they completely dissociate in 
water. All of the molecules dissociate, resulting in a very high ion concentration, and a solution 
that strongly conducts electricity. Another way to say this is that strong acids and bases have 
high degrees of dissociation. In weak acids and bases, perhaps 1 out of 100 molecules 
dissociate, and the rest stay together as molecules, so they have low degrees of dissociation. 


For example, let’s use the placeholder formula HA ,,,) to represent an acid, where A is 
some anion. If HA (4) was a strong acid, and if (say) 1000 HA ,,,) molecules were initially present 
in water, then all 1000 HA ,,,) molecules will dissociate according to the dissociation equation: 


HA (aq) = H" + A (aq) 
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This means that once dissociation reaches completion there will be 1000 H*,,,, ions and 


(aq) 
1000 A (,,) ions in solution. However, if HA ;,,) is a weak acid, perhaps 50 of the 1000 HA 
molecules will dissociate into ions, and the other 950 HA molecules will remain intact in 
solution. For now, don’t worry about how many HA molecules dissociate; just know that it is a 


very small number for any weak acid. 


Most acids and bases are weak. If an acid or base is not listed here as being strong, 
assume they are weak. You are responsible for knowing the strong acids and bases by heart. 
Many weak bases are organic and contain nitrogen. 


Acids can also be categorized according to the number of hydrogen ions (also referred to 
as protons) that they contain. Based on their formulas, acids can be defined as monoprotic 
(produce 1 H: ion in solution), diprotic (produces 2 H: ions in solution), or polyprotic (produces 
more than two H: ions in solution). Note that if an acid is strong does not necessarily mean all 
H’s are strong. For example, sulfuric acid is diprotic and considered strong. However, the first 
H* is strong. The second H’ is actually weak. 


The classifications of strong/weak and mono/di/polyprotic can be applied at the same 
time to classify an acid. For example, an acid can be both strong and monoprotic (example: HCl 
(aq), OF weak and polyprotic (example: phosphoric acid, H3PO,/,,)) or strong and diprotic 
(example: sulfuric acid). 


Acid-Base Theories 


There are two main theories in chemistry that attempt to define acid and base behavior. 
The older theory, the Arrhenius theory, defines Arrhenius acids as acids that increase the 
hydrogen ion (H*) concentration by releasing a proton into solution. (A proton is a hydrogen 
ion.) Arrhenius bases as bases that increase the hydroxide ion (OH) concentration by releasing 
a hydroxide ion into solution. Both Arrhenius acids and bases ionize, or dissociate, in solution to 
release the necessary ion. Arrhenius acids are acids because they contain the proton necessary 
to make the solution acidic, and Arrhenius bases are bases because they contain the hydroxide 
ion necessary to make the solution basic. Here is a summary: 
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Arrhenius Theory 


Arrhenius Acid Releases a H* (hydrogen) ion in solution 


Examples: 


HCl HClag = aq) Sit Cl (aq) 


HSOgeq) —> 2H%eq * SOx" faq) 


Arrhenius Base Releases a OH- (hydroxide) ion in solution 


=o 
iN) 

Nn 

Oo 
aS 


Examples: 
NaOH NaOH) — Naa + OH aq) 
Ca(OH), Ca(OH), — Ca” + 2 OH aq) 


After Arrhenius published his theory in 1884, several critics pointed out that ammonia, 
NH, had all the properties of a base but its formula did not contain the hydroxide ion required 
for the Arrhenius definition. Scientific models must be able to explain all observations, so 
Arrhenius’ theories had to be modified to account for anomalies such as these. In 1923, two 
researchers independently proposed the Brénsted-Lowry theory of acids and bases. 


The Br@nsted-Lowry theory asserts the role of water in the behavior of acids and bases. 
Brg@nsted-Lowry acids are acids because they donate a H’ ion to a Brgnsted-Lowry base, and 
Brgnsted-Lowry bases are bases because they accept a H’ ion from an acid. Water is often 
involved in the process, acting as either an acid or a base. 


Brénsted-Lowry Theory 


Br@nsted Acid Donates a H" ion (a proton) to a Brgnsted base, forming hydronium (H,0*) 


Examples: 


HCl and H,O HCl aq) + H,0, = H30 (aq) + Cl (aq) 
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Brgénsted Base Accepts a H+ ion (a proton) from a Brgnsted acid, creating a hydroxide ion 


(OH) 


Examples: 


NH; and H,O NH) + H,0. <> NHg aq) OH faq) 


You should notice that an Arrhenius acid (or base) can also be classified as a 
Brgnsted-Lowry acid (or base), BUT not all Brgnsted acids (or bases) are Arrhenius acids (or 
bases). The classic example is NH. NH, does cause hydroxide to form in solution, but it doesn’t 
contain hydroxide in the formula. The OH comes from the dissociation of water instead. 


You also probably noticed that water is acting as a Brgnsted acid or a Brg@nsted base 
depending on what it is interacting with. This species is called amphoteric. Generally, any 
species that has at least one H* AND can accept at least one more H* can be amphoteric. 
Negatively charged ions that contain at least one H’ are typically amphoteric; they can donate 
the H* in one case or accept other H”s due to its negative charge in another case. 


When Br@gnsted acids and bases react, they form conjugate acids and bases. 
“Conjugate” means “partner”. Think of it like changing clothes: the Brénsted acid donates its H* 
to the Brgénsted base, thus becoming the conjugate base. The Br@nsted base accepts the H* 
from the Br@nsted acid, thus becoming the conjugate acid. Proton donation occurs one at a 
time and will change the charge of the Br@nsted acid it came from, as well as the charge of the 
base it donates the H*to. The acid, and its conjugate, are called a conjugate acid-base pair. In 
such a pair, the acid is the species containing one more H’ ion than the base. See the illustration 
below. 


©, & So & 


H20) + NHs@q <= OHg + NH4+(aq) 


Acid Base Conjugate Base Conjugate Acid 


eeoeeceee eee eee eee es ofee eee eeeseeeeee® 
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Tips for predicting the products of Brg@nsted-Lowry reactions: 


First, determine the acid and the base in the reactants. You should know that all acid 
formulas begin with H’, like HCI or H,SO,. Hydroxide (OH) always acts as a base, as does 
ammonia, and many organic, nitrogen containing compounds. (Ammonium, however, is 
a weak acid!) 


H,O is amphoteric; if it appears as a reactant, first determine the identity of the other 
reactant. If the other reactant is a base, H,O is the acid, and vice versa. 


Watch your charges! Losing or gaining H* will cause a change in the charge; if H*is lost, 
the charge on the remaining ion becomes either neutral or more negative. 


Example: Predict the products of this acid-base reaction: NH,” + H,O > 


Ammonium is the acid; therefore, H,O is the base. Ammonium will give up one H* to the H,O. 


Ammonium will become NH3. H,O will become H,0". 


NH,” ( + H,O (I) —_= NH3 (aq) + H30° ( 


aq) 


8.09: Equilibrium Concepts and Acid-Base Strength 


Learning Objectives: 


(2.H) Organize, analyze, evaluate, make inferences, and predict trends from data 

(2.1) Communicate valid conclusions supported by the data through methods such as lab 
reports, labeled drawings, graphs, journals, summaries, oral reports, and 
technology-based reports. 

(3.B) Communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials. 

(10.E) Distinguish among types of solutions such as electrolytes and nonelectrolytes; 
unsaturated, saturated, and supersaturated solutions; and strong and weak acids and 
bases. 
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The Nature of Chemical Equilibrium and Acid-Base Strength 


Before we get into a more thorough explanation of acid-base strength, it is necessary to 
discuss a very important concept called chemical equilibrium. Up until this point in your 
science education, you and your teachers have presumed that all chemical reactions “go to 
completion.” This means that after the reaction there is no possibility of the products (once 
formed) going backward and re-forming the reactants. However, this is really not the case. 


Many chemical reactions are reversible, having a forward (reactant — product) and 
reverse (product — reactant) direction. This is a dynamic situation, meaning that the reaction is 
constantly moving from forward to reverse and back again, to varying degrees of completion. 
Eventually, the system reaches a state of chemical equilibrium. 


Chemical equilibrium occurs when the concentration of 
reactants and products no longer changes or remains constant. This 
condition is attained when the rates of the forward and reverse 
reactions are equal. Both forward and reverse reactions do not stop, 
so the reaction vessel contains both products and reactants at the 
same time. 


Here is an example of a reaction affected by chemical 


equilibrium, the Brénsted-Lowry reaction of acetic acid, HC,H30) (aq), 
with water: 


HC,H;0, , + H,0 Oo C,H30 (aq) + H;0* | 


aq) 


Let’s say you put just acetic acid and water into a reaction vessel while keeping the 
temperature constant. After a little while the forward reaction starts up, producing acetate 
(C,H3,0,) and hydronium ion (H3;0*). When there is sufficient acetate and hydronium ion 
present, the reverse reaction starts up, forming acetic acid and water. When the rates of 
forward and reverse reactions equalize, you will have a mixture of all four species present in the 
container and the concentrations of all species will be constant. This does not mean they are 
equal! 


Since the concentrations of all species stop changing, the ratio of these concentrations is 
a numerical constant. This is called the equilibrium constant and has the symbol, K,. (If an acid 


132 


is the reactant and produces hydronium, we call this K,, if it is a base, and produces hydroxide, 
we Call this K,.) 


You can also write a mathematical expression for this equilibrium constant, which is 
called the equilibrium expression. Write only aqueous and gaseous species in this expression 
and put them in [ ] to indicate concentration. Place the products in the numerator and the 
reactants in the denominator. For the acetic acid in water example, the K. expression (or 
equilibrium expression) is: 


[C;H30, ][H;0°] 


[HC,H;0,] 


We do not put anything solid or liquid in a K, expression because only varying quantities, 
i.e., concentration or pressure, contribute towards equilibrium. The concentration of a solid or 
liquid is a constant, and so is the K, value. In the acetic acid equilibrium example, the amount of 
liquid water will change as equilibrium gets established, but the concentration of the water 
doesn’t change because the volume of the water changes at the same rate as the mass of the 
water. 


Consider this: the density of water, or of anything else that is solid or liquid, is always the 
same regardless of how much mass you have. However, the concentration of acetic acid varies 
because both the number of moles and volume of the solution are constantly changing. 


Example: Write the K, expression, or the equilibrium expression, for the following acid-base 
reaction. Label it as the K, or K, expression depending on whether an acid or base reacts. 


CcO;” (aq) + H,O (I) —_- HCO, ( + OH (aq) 


aq) 


Examine the equation. OH is a product, so this mixture is basic; therefore, we will label 
this as a K, expression. To write a K, (or K, or K,) expression, write the formulas of aqueous 
products in the numerator. Each formula is enclosed in [ ], because that indicates molarity. 
Write the formula of all aqueous reactants in the denominator. We will leave out HO ,, because 
it is a liquid and has a constant concentration. 
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[HCO;][OH] 
[CO5*] 


Numerically speaking, K, (or K,, or K,) values are constants. There is no need for you to 
memorize any of them. They do not have units because a K, value is a ratio of the products to 
the reactants at equilibrium. Here is a sample list. You can see that acids and bases have 
varying K, and K, values. The reason why they vary lies in their acid-base strength. 


a ee — 
diethylamine | K,=6.9 x 10% 


K,=1.8x 10° | hydroxylamine | K, = 9.1 x 10° 


hypochlorous K,=2.9x 10° pyridine K, =1.5x 10° 
acid 


Let’s look at acid-base strength again. Recall that the equilibrium expression is a ratio of 
the product concentrations to the reactant concentrations. If the K, value is large, it means 
there are large concentrations of products present. Strong acids and strong bases produce 
many ions in solution at equilibrium and thus show strong electrolytic behavior. 


Another way to say this is that strong acids and strong bases favor products. They 
completely dissociate, so their ionization/dissociation equations always feature a right-facing 
arrow. The acids and bases you have known up until this point as strong (sodium hydroxide, 
hydrochloric acid, etc.) lie so far to the right that their K, or K, values are infinite. Water 
molecules hydrate these ions so well that there is no chance of the reactants forming again 
from the products. 


If the K, value is small, you have small concentrations of products, few ions present in 
solution at equilibrium, and low electrolytic behavior - all signs of a weak acid or weak base. For 
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weak acids and bases their equilibrium favors reactants, because you have more reactants 
present at equilibrium than products. 


The Molecular Basis of Acid-Base Strength 

Since acids and bases vary in their strength, it is worthwhile to consider how this 
happens on a submicroscopic, particle level. It ultimately has to do with the strength of the 
chemical bonds involved. In short, an acid or base is strong because chemical bonds are weak, 


allowing parts of those molecules to become hydrated quickly and easily. Here are two ways 
this can happen: 


Bond Strength, Electronegativity, and lonic Radius 


When we compare the hydrohalic acids we see a clear correlation between strength and 


electronegativity. 


HF HCl HBr HI 


Acid Strength Increases & Electronegativity of halide decrease 


As you move down a group, the electronegativity of those elements decrease, and the 
ionic radius increases. As the radius increases and the electronegativity decreases, the 
Coulombic attraction between the electron cloud of one ion and the nucleus of the other ion 
will decrease, due to increasing distance. This weakens the chemical bond and enables water to 
separate and hydrate the components easily, resulting in more ions formed in the solution. 


As a sidenote, HF is a weak acid (K, = 6.6 x 10“), but as a group the other hydrohalide 
acids are strong. The fluoride ion is very small, so the Coulombic attraction between H* and F is 
extremely strong, enough to resist water. However, hydrofluoric acid is extremely dangerous. It 
cannot be stored in glass bottles because it cracks the glass. (For acids, weak does not mean 
harmless!) However, this trend flips if oxygen is present; HOF is a very strong acid. This is due 


Fs a“ 


to oxygen’s “pull”, as described in the next section. 


When it comes to acids that vary only in their number of H* ions, consider the strength 
of the bond between the H+ and the rest of the molecule. It is far easier to remove H* from a 
neutral species than a negatively charged species. Anything negatively charged will have a 
stronger pull or hold on the H’ ions it does have. 
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The Number of Oxygens 


For oxyacids, acid strength is directly correlated to the number of oxygens in the 
formula. More oxygen atoms equals a stronger acid. 


Hypochlorous Chlorous Chloric Perchloric 
20: 03 
H-O-Clz H-O-CI-O: H-O-cl-6: H-6-cI-5: 
2Os 
Ka = 3.0 x 10°8 Ka = 1.1 x 102 co (strong acid) co (strong acid) 


Increasing acid strength 


Oxygen has a high electronegativity, so the presence of more oxygen atoms “pulls” on 
the bond between the H* and the rest of the molecule. The oxygen atom’s “pull” weakens the 
chemical bond. As that bond weakens, it becomes increasingly easier for water to separate the 
parts, hydrate them, and form ions in solution. More oxygen atoms increase the pull and the 
chemical bond weakens accordingly. 


8.10: Le Chatelier’s Principle 


Learning Objectives: 


(2.H) Organize, analyze, evaluate, make inferences, and predict trends from data 
(2.1) Communicate valid conclusions supported by the data through methods such as lab 
reports, labeled drawings, graphs, journals, summaries, oral reports, and 
technology-based reports. 

e (3.B) Communicate and apply scientific information extracted from various sources such 
as current events, published journal articles, and marketing materials. 


Changes in Equilibrium Position 


Just like you, a chemical system will do what they can to maintain their equilibrium. Le 
Chatelier's principle states that if a system in equilibrium is disturbed by changes in temperature, 
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pressure, and concentration of either the reactants or products, the system will tend to shift its 
equilibrium position so as to counteract the effect of the disturbance. 


Think of the equilibrium state as a seesaw that is always balanced. If the see saw becomes 
unbalanced, it is going to have to regain that balance by undoing the change. If the equilibrium 
shifts towards the reactants, this is referred to as a left shift. An equilibrium shift towards the 
products is referred to as a right shift. 


Three factors which can affect a reaction at equilibrium are: 


a) Concentration of a reactant or product 


When a system is at equilibrium, increasing the concentration of a reactant or product will 
cause the reaction to re-establish equilibrium by shifting the reaction in the direction, 
towards or away from the reactants, which relieves the stress. For example, in the 
simulation reaction: 


Az(g) + Byig) I 2 AB (gy 


When the reaction is at equilibrium and the [B,] is increased, the reaction proceeds from 
left-to-right to relieve the stress. When [B,] is added, the concentration of [B,] increases, 
moving the reaction away from equilibrium. To re-establish equilibrium, the extra [B,] needs to 
be consumed by producing more product. Therefore, the reaction shifts towards the 
production of the product to relieve the stress, by trying to decrease the amount of [B,]; so, the 
reaction proceeds from left-to-right. Similarly, when the reaction is at equilibrium, addition of 
[AB] shifts the reaction from right-to-left (towards the reactants) to relieve the stress. This 
uses up the additional [AB]. 


b) Reaction volume or pressure (gases only) 


To understand the effect of volume on a reaction, consider the following reaction: 
PCls () OU PCls (¢) + Cl, (g) 


Assume the reaction is at equilibrium in a sealed container. If the volume of the reaction 
container is lowered, molecules in the container are pushed closer together and the internal 
pressure increases. Think back to Boyle’s Law. To relieve this stress, the reaction shifts in 
the direction to decrease the crowding of the molecules, the side with fewer moles of 
molecules. In the above reaction, it proceeds from right-to-left because the left side of the 
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reaction has fewer gas molecules (1 mole) compared to the right (2 moles). Add up the 
coefficients to determine the number of moles on each side of the reaction. 


If the volume is increased, the reaction proceeds from left-to-right (towards the products). 
The increase in volume means there are fewer molecules per unit volume and the reaction 
proceeds in a direction to increase the number of molecules per unit volume and thus 
maintain constant pressure. 


c) Temperature 


To understand how temperature affects a reaction at equilibrium, consider the equilibrium 
of NO, and NO, Depending on what side of the reaction the heat is on, treat it as a 
reactant or product. Because the heat is on the left, this reaction is endothermic. 


Heat + N,0,/,) o 2 NO5 (4) 
colorless orange-brown 


When the reaction is cooled the color of the sample becomes lighter, indicating more N,O,4/,) 
was formed. Heat is removed from the reaction system when the reaction is cooled. As the 
reaction is cooled, it proceeds in a direction that will produce heat - from right-to-left. In 
general, for endothermic reactions, decreasing the temperature shifts the equilibrium 
towards the left and adding heat shifts the equilibrium to the right. It is the opposite for 
exothermic reactions. 


There are a few changes that do not cause any shifting. Adding a catalyst will increase 
the rate at which equilibrium is reached, but as this affects both the forward and reverse 
reactions it does not cause a net shift towards one side more than the other. Adding anything 
solid or liquid - even if they are present in the chemical equation - will not cause shifting either. 
Their masses might change, but their concentrations do not. 


To Sum It All Up 


(Se Se SSS aaa 


Increase in concentration Away from substance Extra concentration needs to be 
used 


Decrease in concentration Towards decreased Need to make more of what is 
substance lacking 
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Increase the pressure of the | Towards fewer moles of | Need to decrease pressure by 
Decrease the pressure of Towards more moles of | Need to create pressure by 
the system gas making moles 


Increase temperature of Away from heat Need to cool down system 
system exothermic reaction is 
favored 


Decrease temperature of Towards heat Need to heat up system 


system endothermic reaction is 
favored 


Add Catalyst No Shift Only speeds up the reaction 


Add Solid Substance No Shift Does not change concentration of 
substance 


Example: Consider the reaction below: 


2 H,S (g) + 3 O, (g) 2 H,O (I) +2 SO, (g) 


The heat of the reaction is AH = -1036 kJ. Given the reaction is at equilibrium, predict the direction 
the reaction will shift when the following stresses are applied: 


a) The amount of SO, /,)is increased. 


Answer: The additional SO, ,,, that was just added represents a stress. To use up that 
additional SO, (), 
the products and towards the reactants. The system shifts left. More H,S and O, are 


the system “makes it a reactant”, so there is a greater “push” away from 
produced as a result, and water as well as the additional SO, is used up. 


b) The temperature of the reaction is increased. 


Answer: This reaction is exothermic from left to right. “Energy” is a product. So, increasing the 
temperature of the reaction “adds” energy to the right-hand side of the equation above. To use 
up this additional energy (provided by you), energy must become a reactant. Water and SO, (,) 
are used up and H,S and O, are produced as the system shifts left. 
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c) The volume of the container is decreased. 


Answer: Decreasing the volume will increase the pressure (Boyle’s Law). The system shifts 
to whichever side, left or right, contains the less total number of moles of gas. The left side 
contains 5 moles of gas, and the right side contains 2 moles of gas, so the system shifts to 
the right. H,S and O, will be used up, thus decreasing the number of moles of gas. Yes, 
more SO, is produced, but overall, this results in less moles of gas present in the container, 
thus counteracting the stress. 


8.11: Strong Acids and Bases pH and pOH Calculations 


Learning Objectives: 
(2.G) express and manipulate chemical quantities 


(8.E) Write and balance chemical equations using the law of conservation of mass. 
(10.C) Calculate the concentration of solutions in units of molarity. 


(10.E) Distinguish among types of solutions such as electrolytes and nonelectrolytes; 
unsaturated, saturated, and supersaturated solutions; and strong and weak acids and bases. 
@ (10.H) Define pH and calculate the pH of a solutions using the hydrogen ion concentration. 


The Auto-lonization of Water 


Water can be amphoteric with itself in a process called the auto-ionization of water. 
Being amphoteric means that it will behave like an acid or base, and will, to a slight extent, 


2. a & 2 


H20. + H209 HOt aq) + OH “(aq) 


dissociate. 


The concentration of hydronium and hydroxide ions present from the dissociation of 
pure water, at a given temperature, always multiply to give you a constant. This constant is 
given the symbol K,, and is often called the ion product constant. K,, does not have a given unit. 
Note that this is just another equilibrium constant but there is no denominator because both 
reactants are pure liquids. 


K,, = [H,0*] [OH’] = 1.0 x 10% 
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This relationship still holds true even if additional hydronium or hydroxide ions are 
present from the ionization or dissociation of an acid or base. If [H;0°] > [OH], the solution is 
acidic. If [H;0°] < [OH], the solution is basic. If these two molarities are equal (that is, both are 
1.0 x 10°’ M,) then the solution is neutral. By the way, H* is synonymous with H,0°. If we take 
the graphic from 8.01 and add molarities it looks like what you see on the next page. 
(Remember that a large negative exponent means a very small concentration.) 

[OH] 10 101 102 109 104 108 106 107 10% 109 1079 1041 10'2 1019 10-4 
[H+] 10-4 81073 81072 10-11 910-10 10-9 10-8 107 106 105 104 103 10-2 10-1 10° 


pH 14 13 12 11 10 9 8 7 6 5 4 3 2 14 0 


Example: Calculate the hydroxide concentration of a solution with [H;O*] = 3.5 x 10° M. 
Determine if this solution should be classified as acidic, or basic. 


Use the formula K,, = [H,0*] [OH] = 1.0x 10". Rearrange it to obtain a formula to solve for 
H,0*, then substitute the hydroxide molarity, and calculate. 


K, (1.0 x 10°’) 
[OH] = ——————_ = — =2.9x10’M 
[H,0*] (3.5 x 10°) 


To classify it as acidic or basic, examine the hydronium and hydroxide molarities. The [OH-] is 
larger, since 10’ > 10°. This solution is basic. 


pH and pOH Calculations 


K,,is the basis for the pH scale. The pH of a solution is calculated as the negative base 10 
logarithm of the hydronium ion concentration [H;0°] or [H*]. Dealing with pH is much easier if 
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we use a simple number to indicate its acidity, rather than use the molarity, which is always 
expressed in (awkward) scientific notation. 


To convert between the molarity of H* ion and the pH, use the following formulas: 
pH = - log [H*] and [H*] = 10 -"" 


The pOH of a solution is calculated as the negative base 10 logarithm of the hydroxide 
ion concentration [OH]. 


pOH = - log [OH] and [OH] = 10°" 


Another helpful relationship is: pH + pOH = 14. 


pH Problem Solving Diagram 
Note: This can be derived by using the pH 


. 14 
and pOH equations on K,,. The following [On = 1 fH} 

+ — = 
problem-solving diagram may prove useful H < OH 
to you as you strategize your way through [H"]= sy 
pH and pOH calculation problems.” A _ 4 - 

%| |= =| |B 

_ sO ya = 

=| |% S| /2 
Y v 


pH < pOH = 14 - pH fie pOH 


pH = 14 - pOH 


A note about significant figures: because the pH or pOH scale is logarithmic, the tens and 
ones place in a pH or pOH value refer to orders of magnitude, i.e., powers of 10. They do not 
impart precision. For example, if the pH of something is read as 9.575, the 9 is not significant. 


All the 9 tells you is the power of 10. In the pH or pOH, the decimal place values relate to 
precision. 


es “DH Problem Solving Diagram.” Calculations of pH, pOH, [H+] and [OH-], 
www.sciencegeek.net/APchemistry/APtaters/pHcalculations.htm. 
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Because of this we must be careful when recording pH and pOH values as answers. The 
number of decimal places in a pH or pOH value is equal to the number of significant figures in 
the corresponding molarity. For instance, if the hydronium ion concentration of a solution is 1.0 
x 10° M (two sig figs) then the pH of that solution is recorded correctly as 3.00 (two decimal 
places). 


Example: Calculate the pH and pOH of a solution with [OH] = 8.75 x 10° M. 


There is more than one way to solve this problem. One way would be to first calculate the pOH 
of this solution since you already have the [OH]. Then, you could calculate the pH by 
rearranging the formula pH + pOH = 14. 


pOH = - log [OH] = - log (8.75 x 10°) = 7.058 
pH = 14 —- 7.058 = 6.942 


Example: Calculate the [H;0°] and [OH] in a solution with a pH of 2.500. 


One way is to solve for the [H,0*] of the solution, using the formula [H*] = 10°". Once you 
have the [H;0°*], solve for [OH] using the formula K, = [H;0*] [OH] = 1.0 x 10. 


[H,0*] = 10 *¥=10~?°° =3.16x 107M 


K, (1.0 x 10%) 
[OH] = ————— = ————_. 3.16 x 10" M 
[H,0°] (3.16 x 10°) 


pH and pOH of Solutions of Strong Acids and Bases 


In “real life,” we label acid and base solutions according to the molarity of the acid or 
base, not the molarity of hydronium or hydroxide ion. For example, we say “0.1 M HCI”, not 
“0.1 MH;0*”. The reason for this is that you cannot purchase chemicals according to ion 
content. Let’s pretend a researcher needs some chloride ions for their procedure. To purchase 
some chloride ions, they must order, say, sodium chloride, or copper (II) chloride. No one sells 
just chloride ions. Therefore, when we label solutions, we write “0.1 M NaCl” or “0.1 M CuCl,”, 
to reflect the fact that the solution contains chloride and other ions in it as well. 


To calculate the pH of such solutions, you must consider the acid or base’s ionization (or 
dissociation) in water. An acid or base may produce multiple hydrogen ions or multiply 
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hydroxide ions per particle, and these will increase the molarity of hydronium or hydroxide ions. 
That will, in turn, affect the calculated pH or pOH. 


Always write an ionization equation (for acids) or dissociation equation (for bases) if you 
are not directly given the hydronium or hydroxide ion concentration. Simple stoichiometry will 
help you figure out the ion concentration you need. For example, a 1 M solution of hydrochloric 
acid (HCI) ionizes into 1 M of hydrogen ion and 1 M of chloride ion. A1™M solution of calcium 
hydroxide dissociates into 1 M of calcium ions and 2 M of hydroxide ions. 


Note that volume does not affect how you perform pH or pOH calculations. pH and pOH 
are only dependent on concentration, not volume! 


Example: Calculate the pH of a solution containing 35.2 g of calcium hydroxide dissolved 
completely in 1.00 L of solution. 


Step 1: Write out a dissociation (or ionization) equation. 


@ Sometimes you are given the molarity straightaway, but in this case, you are not. Thus, 
you will need the dissociation equation to obtain the molar ratio. Note that this 
problem did not provide you with the formula either, to review naming conventions 
check out this video: https://bit.ly/3dDZtOn. 


Ca(OH), (aq) = Ca**, + 2 OH, 


aq) aq) 


Step 2: Solve for the molarity of hydroxide (or hydronium) 


moles 


molarity of OH = 
L of solution 


Thus, we need to know the number of moles of OH, which we can find using dimensional 


analysis: 


35.2 ¢€atOH), 1 mete-CatOH}.. 2 moles OH 


= 0.95017 moles OH 
74.092 g 1 mrote-EatOH}. 


Now, solve for the molarity of OH: 
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0.95017 mol 


[OH] = = 0.95017 M 
1.00L 


Step 3: Solve for the pOH of the solution, then the pH: 
pOH = - log (0.95017) = 0.022 
pH = 14— pOH = 14-0.022 = 13.978 


Since calcium hydroxide is a base, it makes perfect sense that the pH is well above 7. 


Example: Calculate the pH of a 250.0 mL sample of hydrochloric acid solution with a molarity of 
1.50 x 10’ M. 


Since this problem provided the actual molarity, the previous steps become a bit simpler. 


Step 1: Write out a dissociation (or ionization) equation. 


+ - 
HCl; =. H (aq) + Cl (aq) 


aq) 
Step 2: Solve for the molarity of hydroxide (or hydronium) 


e@ Since the problem provides the molarity of the solution, we merely need to convert it to 
the molarity of hydronium ion using dimensional analysis. 


1.50 x 107 MHEt 1MH* 


= 1.50x 107 MH* 


Step 3: Solve for the pH: 
pH = - log (1.50 x 10”) = 1.824. 
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8.12: Neutralization, Titration and Titration Curves 


Learning Objectives: 


e@ (2.G) Express and manipulate chemical quantities using scientific conventions and 
mathematical procedures, including dimensional analysis, scientific notation, and significant 
figures. 

e (7.B) Write the chemical formula of ionic compounds containing representative elements, 
transition metals, and common polyatomic ions, covalent compounds, and acids and bases. 
(8.E) Write and balance chemical equations using the law of conservation of mass 
(8.G) Perform stoichiometric calculations, including determination of mass and gas volume 
relationships between reactants in a balanced chemical equation. 

(10.C) Calculate the concentration of solutions in units of molarity 
(10.D) Calculate the dilutions of solutions using molarity 


Neutralization Reactions (Review) 

Neutralization is one of three reaction subtypes that all fit under the umbrella of double 
replacement reactions. You have already learned about the first reaction subtype, which was 
precipitate-forming double replacement. The second and third reaction subtypes involve gas 
formation and water formation. While neutralization does not always form a new gas, it always 
forms water. Water formation is the primary hallmark of an acid-base neutralization reaction. 

The other product in a neutralization reaction is a salt. A salt is a class of compounds 


formed when the hydrogen ion of an acid is partly or wholly replaced by a metal. Salts are 
always ionic compounds. Here is the classic example of a neutralization reaction: 


HCl (4) + NaOH, — NaCl + H,0 


Here is a neutralization reaction that produces salt, gas and water: 


HCl sq) + NaHCO3(4, — NaCl (aq) + HOW + COy 


For complete neutralization to occur, an equal number of moles of acid and base must 
react together. Every mole of H* combines with exactly one mole of OH to form one mole of 


146 


HO. This water product is brand new water, *not* the water that the acid or base are dissolved 
in. Likewise, one mole of the negative anions from the acid combines with one mole of positive 
cations from the base to form one mole of salt (i.e., one mole of Cl and one mole of Na’). 
However, the salt is almost always aqueous, and consists of spectator ions. Therefore, if the 
number of moles of reactants are equal, acid-base neutralization always has the net ionic 
equation. 


Haq) FS OH aq = HO 


It is a misconception that acid-base neutralization always yields a pH of 7. The resulting 
PH is 7 only if the number of moles of acid and base are exactly enough to react completely 
with each other. If there is any excess unreacted acid (or base) left over, it dictates the resulting 
pH of the solution. Excess unreacted hydronium ion, for example, will make the pH after 
neutralization be under 7. 


Neutralization Calculations 


In acid-base neutralization, which is another type of stoichiometry, we are concerned 
with knowing about the other reactant’s concentration as opposed to the yield of some 
product. In the food industry, which uses acids and bases as ingredients, a common measure of 
quality control is to identify the concentration of acid in a product, such as ketchup or vinegar. 
Samples of the same food are tested, over and over, to ensure that acid concentrations are 
constant from bottle-to-bottle and taste remains unaffected. 


There are two ways to solve neutralization calculation problems, both of which are 
perfectly valid. They are based on the idea that when complete neutralization occurs, the 
number of moles of acid will equal the moles of base. Both methods require a balanced 
neutralization equation. 


Let us look at the longer method first: using dimensional analysis. Molarity is a ratio and 
makes for an excellent conversion factor. Always begin with the known volume, then use the 


molarity for that solution to convert the known volume to the number of moles. 


Example: What volume of 2.00 M sulfuric acid would be required to neutralize 54.1 mL of 
1.40 M calcium hydroxide ? 


Step 1: Predict and write the balanced neutralization equation. (See the previous example) 
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H SO qiaq) + Ca(OH) 5,29) —_ 2 H,0, + CaSO, (5) 


Step 2: Use dimensional analysis to convert from volume of the base to volume of acid. 


54.1 mb€atOH}, | 1 1.4 meteatOH}, | 1+meHH,50, 1LH,SO, 


= 0.0379 L 


1000 #At 1 t€at6H}, 1 mote-€at6H}, | 2.00 mett,Se, Hos 


Base Molarity Molar Ratio Acid Molarity 


Since the known volume was given in mL, convert the desired volume back to mL: 37.9 mL. 


The second method is simply a shortcut of the first. Back in the molarity and dilution 
lessons, you learned that the number of moles of solute in a solution is equal to its molarity 
multiplied by its volume in liters: M,V, = M,V,. If you take into account the stoichiometry of the 
neutralization reaction you obtain the formula below for acids and bases: 


M.V.n, = M,V,n, 
where M = molarity, V = volume, 
n = coefficients of acid or base from the balanced equation, a = acid and b = base 


Let’s rework that example using this simplified way. 


What volume of 2.00 M sulfuric acid would be required to neutralize 54.1 mL of 1.40 M calcium 
hydroxide? 


Substitute all the quantities and coefficients in: 


(2.00 M) (V,) (1) = (1.40 M) (54.1 mL) (1), solve for V, 


(1.40 M) (54.1 mL) (1) 
= 379m 
(2.00 M) (1) 


Note that you don’t have to convert the 54.1 mL to L. Whatever unit the volume you use in the 
equation is the same you will receive as your answer. 
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pH After Neutralization 


If moles of acid = moles of base, the pH after neutralization will be 7. If you have a 
limiting /excess acid-base stoichiometry situation, you could very well have a resulting pH after 
neutralization that is *not* 7. The pH after neutralization is entirely dependent on the # moles 
of excess reactant left over. Since you’re not merely solving for the molarity or volume of a 
reactant, you must use dimensional analysis. Consider the following example. 


Example: What is the resulting pH of a solution after 50.0 mL of 0.100 M hydrochloric acid and 
35.0 mL of 0.150 M barium hydroxide are mixed? 


First, write a balanced chemical equation: 2 HCl (.,) + Ba(OH), (aq) 2 BaCl, (aq) + 2 HO Wy 


Calculate the # of available moles of each reactant. The # of moles of HCl (,,) is (0.0500 L)(0.100 
M) = 0.00500 moles, and the # of moles of Ba(OH), (4) is (0.035 L)(0.150 M) = 0.00525 moles. 
The HCI will be the limiting reactant. 


Calculate the # moles of Ba(OH), used up through neutralization: 


1 mole Ba(OH)2 


0.00500 moles HCl x 2 moles HCl 


= 0.00250 moles Ba (OH), used up 


Calculate the # moles of Ba(OH), left over: 
0.00525 moles Ba(OH), available — 0.00250 moles used up = 0.00275 moles Ba(OH), left over 


The acid is all used up, so the pH is entirely dictated by the excess barium hydroxide. It’s safe to 
guesstimate that the pH after neutralization will be above 7. Now, calculate that exact pH: 


0.00275 moles Ba(OH)2 


“Q.0ES0Etotalvonme — O-O224M 


Molarity of leftover Ba(OH), = 
The molarity of just hydroxide ion will be 2 x 0.0324 M =0.0647 M. Solve for pH: 
pOH = - log (0.0647) = 1.189 


pH = 14- 1.189 = 12.810 
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2°Titration and Titration Calculations 
Buret 


Titration is a widely used quantitative laboratory 


procedure to analyze an unknown solution for its 
molarity. When we “titrate” something, we are 
adding known volumes of acid and base together, 
only stopping when neutralization has finished. We 
can then use the data to calculate the molarity of an 
unknown, which is either the acid or the base. 


a 


Buret clamp 


For maximum precision, we use a buret to dispense 
one of the solutions. On the right is an image of a 
~~ buret clamped to a ring stand. The stopcock 
controls the flow of liquid from the buret into 
something below the tip, such as an Erlenmeyer 
flask. In the image, the stopcock is completely 


Ring stand open. Turn the stopcock ninety degrees to close it. 


—~ 


Prepare the buret, then clamp to the stand: 


Preparing the Buret 


. Rinse a buret several times with water. Drain the water through the open stopcock. Discard water in the sink. 

. Repeat step #1, but with solution you intend to fill the buret with, either acid or base. Discard into a waste beaker. 
. Clamp the buret to the ring stand, as in the image above. 

. Place a funnel into the top of the buret. Fill the buret slowly. Stop when the meniscus is below the “O” line. 


wr WN 


. Remove bubbles by draining some solution out of the buret. Discard into a waste beaker. You do not have to start 
titration on a particular mark or line. 


Next, prepare the flask. Let’s say we are trying to determine the molarity of an acid. 
Add a known volume of the acid to an Erlenmeyer flask, using either a graduated cylinder or a 
pipette. Then, add a few drops of a chemical called an indicator. Once done, you can place this 
flask below the (closed) buret tip. 


' Kristof_vt. “File:Buret.png.” File:Buret.png, 2004, commons.wikimedia.org/wiki/File:Buret.png. Licensed under 
CC BY-SA 3.0: https://creativecommons.org/licenses/by-sa/3.0/legalcode. 


150 


The indicator changes color at the endpoint, which signals to you that neutralization is 
complete. Adding indicator is only needed if the solution does not change color on its own. 
Two common indicators are: phenolphthalein, which is colorless in acids but turns pink when 
the solution is basic; and bromothymol blue, which is yellow in acids and blue in bases. 


Now, take note of the initial volume of liquid (base, for this example) in the buret. Read 
one uncertain digit and read the bottom of the meniscus. The reading will seem strange 
because many burets are marked in reverse: lower numbers are marked at the top of the buret. 
Just record whatever reading you see. 


Then, turn the stopcock to control the flow of buret solution into the Erlenmeyer flask. 
You are now titrating! Use a water bottle to squirt distilled water down the interior sides of the 
flask. If any chemical drops are hanging off the buret tip, squirt them off into the liquid in the 
flask. All chemical must make it into the solution! 


Stop adding base when the endpoint is reached. Close the stopcock completely. The 
endpoint occurs very close to the equivalence point. The equivalent point is when the moles of 
acid equals the moles of base. Record the final volume of base in the buret, with one uncertain 
digit. 


You want the endpoint color to be as pale as possible. For example, if phenolphthalein is 
your indicator, endpoint is when the colorless flask solution has turned to the palest possible 
“baby” pink, not bright magenta purple-pink. If the endpoint is too dark, you can back titrate. 
Add another known volume of flask solution (acid, in this case) to the flask to reverse the 
endpoint. The color will change back to the original. Then, titrate using the buret solution 
again to a new endpoint. You will have to change your recorded volumes. 


Titration Calculations 


Doing titration calculations is extremely similar to the neutralization calculations we 
have done before. The only difference here is that you will be given data on the initial and final 
reading of the buret solution. Just subtract the two values to determine the volume of the 
buret solution. 


Example: The initial volume reading on a buret filled with 0.10 M sodium hydroxide is 1.52 mL, 
and when the endpoint is reached, it reads 54.52 mL. What is the molarity of 125 mL HCI 
solution titrated by this solution? 
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The neutralization equation is: NaOH (4) + HCl (aq) —> H20 q+ NaCl (aq). 


We can use the formula M,V,n, = M,V,n,. Before we do so, let’s get the volume of the buret 
(sodium hydroxide) solution, which is V,: 54.52 mL— 1.52 mL= 53.00 mL. M, = 0.10 M, and 
V,=125 mL. We are looking for M,. 


(M,) (125 mL HCl) (1) = (0.10 M) (53.00 mL) (1), solve for M,: 


(0.10 M) (53.00 mL) (1) 
M_.-=— = 0.042 M 
(125 mL) (1) 


Titration Curves 


A titration curve graphs changes in pH on the y-axis versus the volume of buret solution 
(added to the flask) on the x-axis. Let’s say you have a strong acid in the flask. A pH meter, 
inserted into the flask before titration starts, would first register a pH of anywhere between 0 to 
2. As you titrate the acid with base, the pH of the mixture inside the flask will, at first, slowly 
rise. Close to the equivalence point, pH will spike upwards very sharply. After neutralization, an 
excess of strong base 


will dominate the pH. = PY pH 
If the situation were 
reversed, with base in 
the flask and acid in 
=esesessesses 7 eno cesseceseses 


the buret, the titration 
curve will be a mirror 
image. Examine the 
titration curves.** 


F lI st VOLUME OF BASE ADDED VOLUME OF ACID ADDED 
Oral Strong Titration curve of a strong acid (HCI) Titration curve of a strong base (NaOH) 
acid/base with strong with a strong base (NaOH) with a strong acid (HC!) 


base/acid titrations, the pH at the equivalence point will always be 7. When moles of acid equal 
moles of base at equivalence, the only species present in solution will be the aqueous salt ions 
and the new water generated by the reaction of H* with OH ions. The x-axis value at the 


a1 Bewick, Sharon, et al. “Figure 21.19.1.” 21.19: Titration Curves, 2019, 
chem.libretexts.org/Bookshelves/Introductory_Chemistry/Book%3A_Introductory_Chemistry_(CK12)/21%_ 
Acids_and_Bases/21.19%3A_Titration_Curves. Licensed under CC BY-NC 4.0: 
https://creativecommons.org/licenses/by-nc/4.0/legalcode. 
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equivalence point is the volume of buret solution required to cause neutralization. This always 
occurs at the midpoint of the steepest portion of the graph. 


If weak acids and/or bases are involved at all, the equivalence point will not be at pH = 7. 
The middle, steep portion of their titration curves will not be as steep as those found in strong 
acid/strong base titrations. 


To work with titration curves, just read down the curve from pH = 7 to the corresponding 
x-value. That is the volume of buret solution at equivalence, and it will either be V,or V, 
depending on whether acid or base is in the buret. 


